Introduction to this AP Chemistry Workbook


AP Chemistry can be one of the most challenging courses that a student may take during a school year.  As you begin your education into the world of AP chemistry, you will find it necessary to learn many basic concepts and practice several problem-solving techniques.  This workbook has been designed to help you study and learn AP chemistry using basic skills.  This book also provides several practice questions to help you review the more difficult concepts of chemistry.  


The key concepts and related content that define the AP Chemistry course and exam are organized around a few underlying principles called the big ideas, which encompass the core scientific principles, theories, and processes governing chemical systems.  For each of the big ideas, several learning objectives will be addressed that will articulate what students should know and be able to do. The science practices that will be referred to in this book establish lines of evidence that students can use to develop and refine testable explanations and predictions of natural phenomena.   
AP Chemistry is built around four big ideas and six science practices. They are: 

Big Idea 1: SCALE, PROPORTION, AND QUANTITY (SPQ) 
Quantities in chemistry are expressed at both the macroscopic and atomic scale. Explanations, predictions, and other forms of argumentation in chemistry require understanding the meaning of these quantities, and the relationship between quantities at the same scale and across scales. 

Big Idea 2: STRUCTURE AND PROPERTIES (SAP)
Properties of substances observable at the macroscopic scale emerge from the structures of atoms and molecules and the interactions between them. Chemical reasoning moves in both directions across these scales. Properties are predicted from known aspects of the structures and interactions at the atomic scale. Observed properties are used to infer aspects of the structures and interactions.
Big Idea 3: TRANSFORMATIONS (TRA) 
At its heart, chemistry is about the rearrangement of matter. Understanding the details of these transformations requires reasoning at many levels as one must quantify what is occurring both macroscopically and at the atomic level during the process. This reasoning can be as simple as monitoring amounts of products made or as complex as visualizing the intermolecular forces among the species in a mixture. The rate of a transformation is also of interest, as particles must move and collide to initiate reaction events. 

Big Idea 4: ENERGY (ENE) 
Energy has two important roles in characterizing and controlling chemical systems. The first is accounting for the distribution of energy among the components of a system and the ways that heat exchanges, chemical reactions, and phase transitions redistribute this energy. The second is in considering the enthalpic and entropic driving forces for a chemical process. These are closely related to the dynamic equilibrium present in many chemical systems and the ways in which changes in experimental conditions alter the positions of these equilibria.
Science Practice 1: Models and Representations 
Describe models and representations, including across scales
Science Practice 2: Question and Methods
Determine scientific questions and methods
Science Practice 3: Representing Data and Phenomenon 

Create representations or models of chemical phenomenon 

Science Practice 4: Model Analysis 
Analyze are interpret models and representations on a single scale across multiple scales

Science Practice 5: Mathematical Routines 

Solve problems using mathematical relationships 
Science Practice 6: Argumentation
Develop and explanation or a scientific argument  

The learning objectives will be addressed in each Unit of this book. Use this workbook as a study guide and a review resource.  As a final note, although this workbook may seem complete; some of the more basic concepts of chemistry that you may already have learned in your previous chemistry classes. That is why the learning objectives are listed at the start of each unit.  This will tell you exactly what you need to learn for the AP Exam.  Remember that the key to being a successful student is to manage your time and study habits efficiently.  

Unit 1 – Introduction: Matter and Measurement

Learning Objectives

	SPQ-2.A Explain the quantitative relationship between the elemental composition by mass and 
                the empirical formula of a pure substance.
SPQ-2.B Explain the quantitative relationship between the elemental composition by mass and 
                the composition of substances in a mixture. 
SPQ-3.C Explain the relationship between the solubility of ionic and molecular compounds in 
                aqueous and nonaqueous solvents, and the intermolecular interactions between particles. SAP-3.D Represent a metallic solid and/or alloy using a model to show essential characteristics of 
                the structure and interactions present in the substance.  
TRA-1.A Identify evidence of chemical and physical changes in matter.


Chemistry is the study of matter and the changes that matter undergoes. Matter is made up of almost infinitesimally small building blocks called atoms. Atoms can combine together to form molecules. Molecules of a few familiar substances are represented here. In later chapters you will learn more about how atoms combine to form molecules, and how molecules have specific shapes and properties. 

Essential knowledge:  
	SPQ-2.A.1 Some pure substances are composed of individual molecules, while others consist of atoms 
                   or ions held together in fixed proportions as described by a formula unit. 
SPQ-2.A.2 According to the law of definite proportions, the ratio of the masses of the constituent 
                   elements in any pure sample of that compound is always the same. 
SPQ-2.A.3 The chemical formula that lists the lowest whole number ratio of atoms of the elements in 
                   a compound is the empirical formula.
SPQ-2.B.1 While pure substances contain molecules or formula units of a single type, mixtures 
                   contain molecules or formula units of two or more types, whose relative proportions can vary.

SPQ-2.B.2 Elemental analysis can be used to determine the relative numbers of atoms in a substance 
                   and to determine its purity. 
  


The scientific community uses SI units for measurement of such properties as mass, length, and temperature. There are seven SI base units from which all other necessary units are derived. 
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Decimal prefixes allow us to choose a unit that is appropriate to the quantity being measured. Thus, a very small object might best be measured in millimeters (1 millimeter = 0.001 meters), while a large distance might best be measured in kilometers (1 kilometer = 1000 meters). 
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In order to convey the appropriate uncertainty in a reported number, we must report it to the correct number of significant figures. 

Guidelines
1. Nonzero digits are always significant–457 cm (3 significant figures); 2.5 g (2 significant figures). 

2. Zeros between nonzero digits are always significant–1005 kg (4 significant figures); 1.03 cm (3 significant figures). 

3. Zeros at the beginning of a number are never significant; they merely indicate the position of the decimal point–0.02 g (one significant figure); 0.0026 cm (2 significant figures). 

4. Zeros that fall at the end of a number or after the decimal point are always significant–0.0200 g (3 significant figures); 3.0 cm (2 significant figures). 

5. When a number ends in zeros but contains no decimal point, the zeros may or may not be significant–130 cm (2 or 3 significant figures); 10,300 g (3, 4, or 5 significant figures). 

To avoid ambiguity with regard to the number of significant figures in a number with tailing zeros but no decimal point, such as 700, we use scientific (or exponential) notation to express the number. If we are reporting the number 700 to three significant figures, we can leave it written as it is, or we can express it as 7.00 [image: image3.png]


102. However, if there really should be only two significant figures, we can express this number as 7.0 [image: image4.png]


102. Likewise, if there should be only one significant figure, we can write 7 [image: image5.png]


102. 

When measured numbers are used in a calculation, the final answer cannot have any greater certainty than the measured numbers that went into the calculation. In other words, the precision of the result is limited by the precision of the measurements used to obtain that result. In order to report results of calculations so as to imply a realistic degree of uncertainty, we must follow the following rules.

1. When multiplying or dividing measured numbers, the answer must have the same number of significant figures as the measured number with the fewest significant figures. 

2. When adding or subtracting, the answer can have only as many places to the right of the decimal point as the measured number with the smallest number of places to the right of the decimal point. 

Essential knowledge: 
	SPQ-3.A.1 Solutions, also sometimes called homogeneous mixtures, can be solids, liquids, or gases.  

                   In a solution, the macroscopic properties do not vary throughout the sample. In a 
                   heterogeneous mixture, the macroscopic properties depend on location in the mixture. 


SPQ-3.C.1 The components of a liquid solution cannot be separated by filtration. They can, however, 
                   be separated using processes that take advantage of differences in the intermolecular 
                   interactions of the components. 

a. Chromatography (paper, thin-layer, and column) separates chemical species by taking    

advantage of the differential strength of intermolecular interactions between and among the components of the solution (the mobile phase) and with the surface components of the stationary phase. 

b. Distillation separates chemical species by taking advantage of the differential strength of intermolecular interactions between and among the components and the effects these interactions have on the vapor pressures of the components in the mixture 
TRA-1.A.1 A physical change occurs when a substance undergoes a change in properties but not a 
                    change in composition. Changes in the phase of a substance (solid, liquid, gas) or 
                    formation or separation of mixtures of substances are common physical changes. 







Alloys
Essential knowledge: 

	SAP-3.D.2 Interstitial alloys form between atoms of different radii, where the smaller atoms fill the 
                   interstitial spaces between the larger atoms (e.g., with steel in which carbon occupies the  

                   interstices in iron). 
SAP-3.D.3 Substitutional alloys form between atoms of comparable radius, where one atom 
                   substitutes for the other in the lattice. (In certain brass alloys, other elements, usually zinc, 
                   substitute for copper.) 


In some cases, alloy formation alters the chemistry of the surface. An example is formation of a chemically inert oxide layer in stainless steel.  Remember that alloys are still metals and they 
	can be represented as an array of positive metal ions surrounded by delocalized valence electrons (i.e., a “sea of mobile electrons”).  This will be discussed later in the “Bonding Section”.


Matter and Measurement- Problem Set

1.  A student carries out a density determination lab to find the density of a small spherical metal 

pellet.  He fills a 100-mL graduated cylinder to 50.0 mL and then drops the pellet in.  The 

water level rises to 51.3 mL.  If the pellet had a mass or 8.74 grams, what was the pellet’s 

density to the correct number of significant figures?

2.  An aspirin tablet that has a mass of 3.00 grams only contains 325 mg of acetylsalicylic acid.  

What is the percent by mass of the acetylsalicylic acid in the tablet to the correct number 

of significant figures?

3.  A necklace has a mass of 9.85 grams and a volume of 0.675 cm3.  The necklace contains  


both gold and silver.  Gold has a density of 19.3 g/cm3 and silver has a density of 

10.5 g/cm3.  Calculate the percent by mass of the gold in the necklace assuming that the 

total volume of the necklace is the sum of the volumes of its gold and the silver 

components. 

Unit 2 – Atoms, Molecules and Ions

Learning Objectives
	SPQ-1.B Explain the quantitative relationship between the mass spectrum of an element and the    

                masses of the element’s isotopes. 
SAP-3.C Represent an ionic solid with a particulate model that is consistent with Coulomb’s law and 
                the properties of the constituent ions.

SAP-5.B Explain the relationship among the macroscopic properties of a substance, the particulate-
                level structure of the substance, and the interactions between these particles. 
SAP-6.A Represent the differences between solid, liquid and gas phases using a particulate-level model.



Essential knowledge: 
	SPQ-1.B.1 The mass spectrum of a sample containing a single element can be used to determine  

                   the identity of the isotopes of that element and the relative abundance of each isotope in  

                   nature. 
SPQ-1.B.2 The average atomic mass of an element can be estimated from the weighted average of 
                   the isotopic masses using the mass of each isotope and its relative abundance. 



Many compounds consist of ions rather than molecules. Such compounds are said to be ionic. An ion is an electrically charged "package" consisting of one (monatomic ion) or more (polyatomic ion) atoms. An ion with a positive charge is called a cation (CAT-ion), while an ion with a negative charge is called an anion (AN-ion).

Ionic compounds do not exist as molecules and so do not have molecular formulas. Rather, ionic substances such as sodium chloride and magnesium chloride have only empirical formulas—NaCl and MgCl2, respectively.
The charges on many atomic ions can be predicted using the periodic table. In general, for a nonmetal to form an ion, it will gain as many electrons as it needs in order to have the same number of electrons as a noble gas. Metals will lose electrons to become cations, while nonmetals will gain electrons to become anions.
Essential knowledge: 
SAP-3.C.1 The cations and anions in an ionic crystal are arranged in a systematic, periodic 3-D 
                   array that maximizes the attractive forces among cations and anions while minimizing 
                   the repulsive forces.
Some transition metals can form more than one ion. Iron, for example, forms both Fe2+ and Fe3+. To name such an ion unambiguously, we use the name of the element, a Roman numeral in parentheses to denote the charge, and the word "ion." Fe2+ and Fe3+ would be iron(II) ion and iron(III) ion, respectively.  An older method, though still widely used, is to apply the endings  –ous for the smaller ionic charges and –ic for the larger ionic charges.  For example:

Fe2+ is a ferrous ion

Fe3+ is a ferric ion

Cu+ is a cuprous ion

Cu2+ is a cupric ion
Essential knowledge: 
	SAP-5.B.1 Many properties of liquids and solids are determined by the strengths and types of   

                   intermolecular forces present. Because intermolecular interactions are broken when a 
                   substance vaporizes, the vapor pressure and boiling point are directly related to the strength of 
                   those interactions. Melting points also tend to correlate with interaction strength, but because 
                   the interactions are only rearranged, in melting, the relations can be more subtle. 
SAP-5.B.2 Particulate-level representations, showing multiple interacting chemical species, are used           

                   to understand how intermolecular interactions help to establish macroscopic properties. 
SAP-5.B.3 Due to strong interactions between ions, ionic solids tend to have low vapor pressures, high 
                   melting points, and high boiling points. They tend to be brittle due to the repulsion of like 
                   charges caused when one layer slides across another layer. They conduct electricity only when 
                   the ions are mobile, as when the ionic solid is melted or dissolved in water or another solvent.
SAP-5.B.4 In covalent network solids, the atoms are covalently bonded together into a three-dimensional 
                   network (e.g., diamond) or layers of two-dimensional networks (e.g., graphite). These are only 
                   formed from nonmetals: elemental (e.g., diamond, graphite) or binary compounds of two 
                   nonmetals (e.g., silicon dioxide and silicon carbide). Due to the strong covalent interactions, 
                   covalent solids have high melting points. Three-dimensional network solids are also rigid and 
                   hard, because the covalent bond angles are fixed. However, graphite is soft because adjacent 
                   layers can slide past each other relatively easily. 
SAP-5.B.5 Molecular solids are composed of distinct, individual units of covalently-bonded molecules 
                   attracted to each other through relatively weak intermolecular forces. Molecular solids    

                   generally have a low melting point because of the relatively weak intermolecular forces 
                   present between the molecules. They do not conduct electricity because their valence electrons 
                   are tightly held within the covalent bonds and the lone pairs of each constituent molecule. 
                   Molecular solids are sometimes composed of very large molecules or polymers. 

SAP-5.B.6 Metallic solids are good conductors of electricity and heat, due to the presence of free valence 
                   electrons. They are malleable and ductile, due to the ease with which the metal cores can 
                   rearrange their structure. In an interstitial alloy, interstitial atoms tend to make the lattice more 
                   rigid, decreasing malleability and ductility. Alloys retain a sea of mobile electrons. 
SAP-5.B.7 In large biomolecules or polymers, noncovalent interactions may occur between different 
                  molecules or between different regions of the same large biomolecule. The functionality and 
                  properties of such molecules depend strongly on the shape of the molecule, which is largely 
                  dictated by noncovalent interactions. (See “Intermolecular forces”). 
SAP-6.A.1 Solids can be crystalline, where the particles are arranged in a regular three-dimensional 
                   structure, or they can be amorphous, where the particles do not have a regular, orderly 
                   arrangement. In both cases, the motion of the individual particles is limited, and the particles            

                   do not undergo overall translation with respect to each other. The structure of the solid is  

                   influenced by interparticle interactions and the ability of the particles to pack together. 
SAP-6.A.2 The constituent particles in liquids are in close contact with each other, and they are 
                   continually moving and colliding. The arrangement and movement of particles are influenced  

                   by the nature and strength of the forces (e.g., polarity, hydrogen bonding, and temperature) 
                   between the particles. 
SAP-6.A.3 The solid and liquid phases for a particular substance typically have similar molar volume 
                   because, in both phases, the constituent particles are in close contact at all times. 
SAP-6.A.4 In the gas phase, the particles are in constant motion. Their frequencies of collision and the 
                   average spacing between them are dependent on temperature, pressure, and volume. Because 
                   of this constant motion, and minimal effects of forces between particles, a gas has neither a 
                   definite volume nor a definite shape.


Common Cations

	Charge   Formula     Name
	Charge   Formula    Name

	+1            H+              Hydrogen ion

                Li+              Lithium ion

                Na+             Sodium ion

                K+              Potassium ion
	+1            Cs+            Cesium ion 

                Ag+            Silver ion

                Cu+            Copper (I) or Cuprous ion

                NH4+         Ammonium ion

                H3O+         Hydronium ion



	+2            Mg2+           Magnesium ion

                Ca2+            Calcium ion

                Sr2+             Strontium ion

                Ba2+            Barium ion

                Zn2+            Zinc ion

                Cd2+           Cadmium ion

                Pb2+            Lead or Plumbous ion

                Sn2+            Tin(II)  or Stannous ion


	+2           Co2+           Cobalt or Cobaltous ion

               Cu2+            Copper (II) or Cupric ion

               Fe2+            Iron (II) or Ferrous ion

               Hg22+          Mercury (I) ion

               Hg2+           Mercury (II) ion

               Ni2+            Nickel (II) ion

               Mn2+           Manganese (II) 



	+3            Al3+           Aluminum ion


	+3            Fe3+           Iron (III) or Ferric ion




Common Anions

	Charge   Formula     Name
	Charge   Formula    Name

	1-            H-              Hydride ion

                F-              Fluoride ion

                Cl-             Chloride ion

                Br-             Bromide  ion

I-                        Iodide ion

                NO2-          Nitrite ion

                NO3-          Nitrate ion

                MnO4-        Permanganate ion

                HCO3-        Hydrogen carbonate ion

                                  (or bicarbonate ion)


	1-            CN-            Cyanide ion 

                OH-            Hydroxide ion

                C2H3O2-     Acetate ion 

                ClO-           Hypochlorite ion

                ClO2-          Chlorite ion

                ClO3-          Chlorate ion

                ClO​4-          Perchlorate ion

                H2PO4-      Dihydrogen phosphate ion

                SCN-          Thiocyanate ion

                HSO4-       Hydrogen sulfate ion

                N3-           Azide ion



	2-            O2-             Oxide ion

                O22-           Peroxide ion

                S2-             Sulfide ion

                S2O32-        Thiosulfate ion

                HPO42-      Hydrogen phosphate ion


	2-           CO32-           Carbonate ion

               CrO42-         Chromate ion

               Cr2O72-        Dichromate ion

               SO32-           Sulfite ion

               SO42-           Sulfate ion

               C2O42-         Oxalate ion



	3-             N3-            Nitride ion

                P3-            Phosphide ion
	3-          PO43-            Phosphate ion

              PO33-           Phosphite ion


Note that polyatomic ions that contain oxygen have names that end in either –ite for the smaller number of oxygens or –ate for the larger number of oxygens.  For Example:

                NO2-          Nitrite ion 

SO32-           Sulfite ion

                NO3-          Nitrate ion

SO42-           Sulfate ion

Prefixes are used when the series of oxyanions of an element extends to four members.  The prefix per- indicates one more oxygen, while the prefix hypo- indicates one less oxygen.  For example:

    ClO-           Hypochlorite ion
BrO-           Hypobromite ion

                ClO2-          Chlorite ion

BrO2-          Bromite ion



                ClO3-          Chlorate ion   

BrO3-          Bromate ion

                ClO​4-          Perchlorate ion
BrO​4-          Perbromate ion

Names and formulas of acids follow naturally from the naming of ionic compounds. (Even though acids are not ionic!) A working definition of acid for this exercise will be: an anion with enough hydrogen ions attached to make it neutral. Thus, Cl– requires one hydrogen ion to become HCl, a familiar acid. SO42– requires two hydrogen ions to become H2SO4, another familiar acid.
To name an acid derived from an atomic anion, remove the ide ending from the anion, replace it with ic, and surround the new name with the prefix hydro and the word acid. Example: The anion in HCl is the chloride ion. Remove the ide ending, and replace it with ic. Surround the new word with hydro and acid, and you have hydrochloric acid.

For acids derived from polyatomic anions, simply replace the suffix of the anion name and add the word acid. The ending ate gets replaced with ic; the ending ite gets replaced with ous. The acid derived from nitrate ion becomes nitric acid. That derived from nitrite ion becomes nitrous acid. (Some of the anion roots change slightly for acid names. Example: The acids derived from sulfate and sulfite ions are sulfuric and sulfurous acids, respectively.)
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Atoms, Molecules and Ions- Problem Set

1.  Write the chemical formulas for the following compounds: 


a)  copper (I) oxide
b)  ferrous sulfide
c)  sodium peroxide


d)  ferric carbonate
e)  iron (III) sulfate
f)  lithium hypobromite


g)  calcium hydride
h) magnesium nitride 
i)  sodium perchlorate  

2.  Name the following compounds: 


a)  Fe(OH)2

b)  Ca(C2H3O2)2 
c)  Mg(ClO2)2


d)  LiClO4

e)  NaOCl

f)  K2Cr2O7

g)  ZnHPO4

h) Mg3N2 

i)  BaSO3  

3.  Write the chemical formulas for the following acids: 


a)  hypochlorous acid
b)  iodic acid

c)  sulfurous acid


d)  hydrobromic acid
e)  perchloric acid
f)  sulfuric acid


g)  carbonic acid
h) phosphoric acid 
i)  phosphorous acid  

4.  Name the following acids: 


a)  HClO3

b)  HOBr 

c)  H2SO3


d)  HC2H3O2

e)  HNO2

f)  HNO3


g)  HI


h) HBrO4 

i)  HCl  

Unit 3 – Stoichiometry

Learning Objectives
	SPQ-1.A Calculate quantities of a substance or its relative number of particles using dimensional 
                analysis and the mole concept. 

SPQ-4.A Explain changes in the amounts of reactants and products based on the balanced reaction 
                equation for a chemical process.


	Essential knowledge:
SPQ-1.A.1 One cannot count particles directly while performing laboratory work. Thus, there must 
                   be a connection between the masses of substances reacting and the actual number of   

                   particles undergoing chemical changes.
SPQ-1.A.2 Avogadro’s number (N subscript A = 6.022x1023 mol-1 provides the connection between 
                   the number of moles in a pure sample of a substance and the number of constituent 
                   particles (or formula units) of that substance.
SPQ-1.A.3 Expressing the mass of an individual atom or molecule in atomic mass units (amu) is 
                   useful because the average mass in amu of one particle (atom or molecule) or formula 
                   unit of a substance will always be numerically equal to the molar mass of that substance 
                   in grams. Thus, there is a quantitative connection between the mass of a substance and 
                   the number of particles that the substance contains. EQN: n = m/M 

SPQ-4.A.1 Because atoms must be conserved during a chemical process, it is possible to calculate 
                   product amounts by using known reactant amounts, or to calculate reactant amounts 
                   given known product amounts. 
SPQ-4.A.2 Coefficients of balanced chemical equations contain information regarding the 
                   proportionality of the amounts of substances involved in the reaction. These values can be 
                   used in chemical calculations involving the mole concept. 



A chemical equation is written to represent a chemical reaction. The following example illustrates the information that is conveyed by a chemical equation. Methane is the principal component of natural gas. Methane burns in the presence of oxygen to produce carbon dioxide and water. In this reaction methane and oxygen are the reactants, and carbon dioxide and water are the products. The balanced chemical equation corresponding to this reaction is:

CH4    +    2 O2    (   CO2    +    2 H2O

The atomic mass scale gives the mass of each element relative to the mass of 12C. The amu is defined by assigning a mass of 12 amu as the mass of a 12C atom. The atomic mass unit scale allows us to use a chemical formula to determine the percentage composition by mass of a compound. For instance, each carbon dioxide, CO2, molecule consists of one carbon atom and two oxygen atoms. Oxygen has a mass of 15.9949 amu.  The percentage composition of CO2 is: 

(12.00 amu)/(12.00 amu + (2 [image: image7.png]


15.9949 amu)) [image: image8.png]


100 = 27.28 percent carbon by mass 

(2 [image: image9.png]


15.9949 amu)/(12.00 amu + (2 [image: image10.png]


15.9949 amu)) [image: image11.png]


100 = 72.72 percent oxygen by mass. 

Just as we use a "dozen" to mean twelve, a chemist uses "mole" (abbreviated  mol) to mean 6.022 [image: image12.png]


1023. Further, just as the word dozen can apply to any collection of twelve objects, the word mole can apply to any collection of 6.022 [image: image13.png]


1023 objects, whether they be atoms, molecules, or ions. Using the atomic mass unit scale, we can determine the mass of a mole of water molecules. 

[image: image14.png]6022 x10% water molecules 1802 amu __ 1.085 X 10 amu

mole water molecule mole




Converting this to grams gives us a number of more convenient magnitude. 
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It is not a coincidence that we ended up with the same number in grams as the original number of amus. Just as one molecule of water has a mass of 18.02 amu, one mole of water molecules has a mass of 18.02 grams. Likewise, the mass of a molecule of CO2 is 44.01 amu, and the mass of a mole of CO2 molecules is 44.01 grams. Half of that mass would contain half as many particles. 
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The empirical formula tells us the relative number of atoms of each type in that molecule. Hydrogen peroxide, then, with a ratio of hydrogen atoms to oxygen atoms of 1:1, has an empirical formula of HO. Obviously, an empirical formula does not contain as much information as a molecular formula. Molecular substances have both molecular formulas and empirical formulas. In many cases, as with water and carbon dioxide, they are the same. Ionic compounds do not exist as molecules and, as a result, do not have molecular formulas. Rather, ionic substances such as sodium chloride and magnesium chloride have only empirical formulas, NaCl and MgCl2, respectively. 

Just as you were able to use a formula to calculate percent composition of a compound, you can use percent composition to determine an empirical formula by doing the following:
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EXAMPLE:

Determine the empirical formula of a compound that is 81.32 percent carbon, 5.12 percent hydrogen, and 13.56 percent oxygen by mass. 

81.32 % carbon

5.12 % hydrogen

13.56 % oxygen





C8H6O

Assume                                                                                               Calculate

                            100 gram 





       mole ratio

                            sample  






       (divide by smallest number)

81.32 grams carbon




6.777 moles carbon

5.12 grams hydrogen           Use Atomic Masses                   
5.12 moles hydrogen

13.56 grams oxygen




0.8475 moles oxygen

It is also possible to calculate the grams of product produced by knowing the grams of reactant consumed and using a mole-to-mole ratio as shown below:

Given Mass of reactant




Mass of Product
                        Use Molar mass





      Use Molar mass



of reactant





       of product

         
Moles of reactant     Use coefficients of reactant/product as a mole ratio         Moles of product

EXAMPLE:

Determine the number of grams of water produced when 1.00 grams of glucose is completely combusted in the following reaction:

C6H12O6  +  6 O2  (   6  CO2  +  6 H2O

Given 1.00 grams of glucose




0.599 grams of water
                        Use Molar mass





      Use Molar mass



of reactant (180. grams)




      of product (18.0 grams)

         
0.00556 moles of glucose    ratio = 1 mole of glucose/6 moles of  water         0.0333 moles of water
In a chemical reaction, it is possible to have one reactant that is completely consumed while the others are in excess.  The one reacting that gets used up first is called the limiting reactant or limiting reagent.  In order to do a stoichiometric calculation, like the one shown above, you must first determine which reactant is limiting.  To do this, set up a ratio of the coefficients of both reactants equal to the moles of one of the reactants given.  From this ratio, determine how many moles of the other reactant would be needed.  If that number is greater than the number of moles that you were given, then that other reactant is limiting.  If the number of moles of ther other reactant is less than the number of moles that you were given, then that other reactant is said to be in excess.

Example:  In the following reaction, how many grams of water will be produced when

 20.0 grams of methane reacts with 40.0 grams of oxygen:

CH4  +  2 O2  (   CO2  +  2 H2O

First you must covert grams into moles for both reactants:

moles of methane = 1.25 moles CH4
moles of oxygen =  1.25 moles  O2
Next, use the coefficient ration of methane/oxygen to determine the actual moles of oxygen you

would require if 1.25 moles of methane were consumed:

1 mole of methane    =   1.25 moles of methane
2 moles of oxygen

      X

X = 2.50  moles of oxygen required…  Since we only have 1.25 moles of oxygen, (hence we

don’t have enough), oxygen is the limiting reactant.

Therefore, using oxygen in our stoichiometric ratio, we get…

2 moles of oxygen    =   1.25 moles of oxygen
2 moles of water

      X


X = 1.25 moles of water 

    = 22.5 grams of water produced
It is also possible to determine the empirical formula of an unknown compound from a stoichiometric calculation of the products it forms in a reaction.  This is done by calculating the moles of product formed and converting those moles to the specific moles of the elements that were consumed in the reaction.  Remember that moles of elements in the simplest ratio represent the empirical formula of that compound.  From the empirical formula, the molecular formula can then be determined as long as you know the molar mass of the unknown sample.  You will practice this type of calculation in the worksheet section of this workbook.

The amount of product that can be produced if the limiting reactant is consumed completely is the theoretical yield. In practice, the theoretical yield is seldom achieved. Under real world conditions a variety of factors, including experimental error and efficiency of the reaction, make it impossible to produce the theoretical amount. The smaller amount that is actually produced is called the actual yield. The percent yield is calculated using the actual (measured) and theoretical (calculated) yields and is a measure of the efficiency of the overall process. 
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Stoichiometry - Problem Set

1.  A sample of magnesium with a mass of 1.00 g is burned in excess oxygen to produce an oxide 

with a mass of 1.66 g. What is the empirical formula of the product formed?  Show work. 

2.  Washing soda is a hydrate of sodium carbonate.  Its formula is Na2CO3.xH2O.  A 2.714 g 

sample of washing soda is heated until a constant mass of 1.006 g of Na2CO3 is reached.

What is x?  What is the experimental mass percent of water in the hydrate?

3. A 2.714 g “impure” sample of copper sulfate hydrate (CuSO4.5H2O) is analyzed for its percent by mass of sulfate ion.  The sample is dissolved in water and allowed to react with excess barium ion, which produces a white precipitate (BaSO4).  This precipitate has a mass of 2.308 g.  What is the experimental mass of the sulfate ion in the copper sulfate hydrate?  What is the experimental mass percentage of the sulfate ion in the impure copper sulfate hydrate?
4. Methyl salicylate is made up of carbon, hydrogen, an oxygen atoms.  When a 5.287 g sample of methyl salicylate is burned in excess oxygen, 12.24 g of carbon dioxide and 2.522 g of water are formed.  What is the empirical formula for methyl salicylate?

5.    A sample of an oxide of vanadium (V) with a mass of 4.589 g was heated with hydrogen gas 

to form water and another oxide of vanadium with a mass of 3.782 g.  The second oxide 

was treated further with hydrogen until only 2.573 g of vanadium metal remained.

What are the empirical formulas of the two oxides?  What is the total mass of water formed from these two reactions?

6.    In the reaction below, 0.950 g of silver, 0.140 g of hydrogen sulfide and 0.800 g of oxygen are mixed.  Using what you have learned about limiting reactants, first figure out which one is the limiting reactant, then calculate the mass of silver sulfide produced.

4 Ag  +  2 H2S  +  O2  (  2 Ag2S  +  2 H2O
7.    Acetylene (C2H2) can react with two molecules of Br2 to form C2H2Br4 by the series of
reactions:

C2H2  +   Br2  (  C2H2Br2

 C2H2 Br2  +   Br2  (  C2H2Br4

If 10.00 g of C2H2  is mixed with 80.0 g of Br2, what masses of C2H2Br2 and C2H2Br4 will 

be formed?  Assume that all of the C2H2 has reacted.
8.    An unknown compound contains carbon, hydrogen and nitrogen.  Upon analysis it was 

found to contain 60% carbon.  When 4.00 g of the compound is burned, all of the hydrogen is converted to 0.033 moles of water.

a) What is the mass of each element in the 4.00 g sample of the unknown compound?

b) What is the empirical formula of this compound?

c) What is the molecular formula of the unknown if its molar mass is 362 g/mol.

9.    In the following reaction:  3 NaBr  +  H3PO4  (  3  HBr  +  Na3PO4  


If 200.0 g of each reactant is used, determine the following:

a) Which is the limiting reagent?

b) What is the theoretical yield of each product (in grams)?

c) How much excess reactant will remain unreacted, assuming 100% yield?

d) If the percent yield of this reaction in only 70.0%, what would be the actual yield of each product?

10.   A mixture of NaCl and NaBr has a mass of 1.234 g.  This mixture is heated with chlorine 

  
gas  (Cl2) which converts the mixture completely into NaCl.  The total mass of the NaCl 

is now 1.129 g.  What are the mass percents of NaCl and NaBr in the original sample?

Unit 4 –Reactions

Learning Objectives

	TRA-1.A Identify evidence of chemical and physical changes in matter. 
TRA-1.B Represent changes in matter with a balanced chemical or net ionic equation:

                a. For physical changes. 
                b. For given information about the identity or the reactants and/or products. 

                c. For ions in a given chemical reaction. 
TRA-1.C Represent a given chemical or physical process with a consistent particulate model. 
TRA-2.A Identify a reaction as acid-base, oxidation-reduction, or precipitation. 
SAP -9.F Explain the relationship between the strength of an acid or base and the structure of the 
                molecule or ion. 



Essential knowledge: 
	TRA-1.A.2 A chemical change occurs when substances are transformed into new substances, typically 
                    with different compositions. Production of heat or light, formation of a gas, formation of a 
                    precipitate, and/or color change provide evidence that a chemical change has occurred. TRA-1.B.1 All chemical processes can be represented symbolically by balanced equations.
TRA-1.B.2 Chemical equations represent chemical changes. These changes are the result of a 
                    rearrangement of atoms into new combinations; thus, any representation of a chemical       

                    change must contain equal numbers of atoms of every element before and after the change  

                    occurred. Equations thus demonstrate that mass is conserved in chemical reactions.
TRA-1.B.3 Balanced molecular, complete ionic, and net ionic equations are differing symbolic forms 
                    used to represent a chemical reaction. The form used to represent the reaction depends on 
                    the context in which it is to be used. 

TRA-1.C.1 Balanced chemical equations in their various forms can be translated into symbolic 
                    particulate representations. 
TRA-2.A.1 Acid-base reactions involve transfer of one or more protons between chemical species. TRA-2.A.2 Oxidation-reduction reactions involve transfer of one or more electrons between chemical 
                    species, as indicated by changes in oxidation numbers of the involved species. Combustion 
                    is an important subclass of oxidation-reduction reactions, in which a species reacts with 
                    oxygen gas. In the case of hydrocarbons, carbon dioxide and water are products of complete   

                    combustion. 
TRA-2.A.3 In a redox reaction, electrons are transferred from the species that is oxidized to the species 

                    that is reduced.

TRA-2.A.4 Oxidation numbers may be assigned to each of the atoms in the reactants and products; this 
                    is often an effective way to identify the oxidized and reduced species in a redox reaction. TRA-2.A.5 Precipitation reactions frequently involve mixing ions in aqueous solution to produce an 
                    insoluble or sparingly soluble ionic compound. All sodium, potassium, ammonium, and 
                    nitrate salts are soluble in water. 

 


A solution is a homogeneous mixture. A solution consists of a solvent, the substance in which something is dissolved, and one or more solutes the substance(s) dissolved in the solvent. In this chapter we will focus on aqueous solutions in which water is the dissolving medium, or solvent.

Solutes come in two varieties: electrolytes and nonelectrolytes Solutions of electrolytes such as NaCl and HNO3 contain ions and thus conduct electricity. Solutions of nonelectrolytes such as sucrose (C12H22O11) and methanol (CH3OH) do not form ions in solution and thus do not conduct electricity.

An electrolyte may be either a strong electrolyte or a weak electrolyte. A strong electrolyte exists in solution completely (or almost completely) as ions, while a weak electrolyte produces only a small concentration of ions when it dissolves in solution. 

Ionic compounds that are soluble in water dissociate completely and exist in solution entirely as ions. Soluble ionic compounds are strong electrolytes. Molecular compounds such as sugar and alcohol are nonelectrolytes. They have no tendency to come apart, and they exist in solution entirely as aqueous molecules.
Some molecular compounds, most notably acids and weak bases, are electrolytes.

The acids HCl, HBr, HI, HNO3, HClO3, HClO4, and H2SO4 are molecular compounds that ionize in aqueous solution and exist completely as ions. For example, hydrogen chloride gas dissolves in water and ionizes in solution to give aqueous hydrogen ion and aqueous chloride ion.
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Essential knowledge: 
	SAP-9.F.1 The protons on a molecule that will participate in acid-base reactions, and the relative 
                   strength of these protons, can be inferred from the molecular structure. 

                   a. Strong acids HCl, HBr, HI, HNO3, HClO3, HClO4, and H2SO4 have very 
                       weak conjugate bases that are stabilized by electronegativity, inductive effects,  

                       resonance, or some combination thereof. 

                   b. Carboxylic acids are one common class of weak acid. 

                   c. Strong bases (such as Group 1 and 2 hydroxides have very weak conjugate acids. 

                   d. Common weak bases include nitrogenous bases such as ammonia and carboxylate ions. 

                   e. Electronegative elements tend to stabilize the conjugate base relative to the conjugate 
                      acid, and so increase acid strength 




Weak acids and weak bases make up a group of molecular compounds that are weak electrolytes. Acetic acid (HC2H3O2) is a weak acid. Although it ionizes in water, the reverse process occurs more readily. At any given time most of the acetic acid exists as aqueous molecules in solution. Weak acids are weak electrolytes. To represent the equilibrium between the molecular acid and its ionized form, we use a double arrow in the equation.
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Weak bases are also weak electrolytes. Ammonia ionizes in water to produce aqueous ammonium ions and aqueous hydroxide ions.
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Many chemical reactions occur in aqueous solution. A precipitation reaction is one that occurs in solution and results in the formation of an insoluble product. For example, an aqueous solution of the soluble ionic compound, sodium sulfate, can be mixed with an aqueous solution of the soluble ionic compound, barium hydroxide. The result is the formation of a precipitate, the insoluble ionic compound barium sulfate.

[image: image25.png]Na,80,(2g) + Ba(OH) ,(ag) — 2NaOH( ag) + BaSO ,(s)




Note that only one of the products of the reaction is a solid. Sodium hydroxide is soluble. Many combinations of such solutions will not result in a precipitation because they produce no insoluble products. Whether or not an ionic product of a reaction in solution will precipitate from the solution can be predicted using a set of solubility rules.

Solubility Rules for Common Ionic Compounds in Water

Soluble Compounds



Exceptions
Most common acids

Group 1 metals (Li+, Na+, K+, Rb+, Cs+)   
None 

Nitrates 
(NO3- )



None

Chlorates
(ClO3- )


None

Perchlorates
(ClO4- )


None

Hydrogen carbonate (HCO3- )


None

Acetates
(C2H3O2- )


(silver acetate only slightly soluble)

Ammonium
(NH4+ )



(ammonium hydroxide breaks up)

Halides
(F-, Cl-, Br-, I-)


(Ag+, Pb2+, Hg22+)

Sulfates
(SO42- )



(Ag+, Pb+2, Hg22+, Ca2+, Ba2+, Sr2+)

Insoluble Compounds


Exceptions
Carbonates 
(CO32- )


Group 1 metals, ammonium, dilute acids


Oxides

(O2-)



Group 1 metals, ammonium, dilute acids


Phosphates
(PO43- )



Group 1 metals, ammonium, dilute acids


Sulfides 
(S2-)



Group 1 metals, Ca2+, Sr2+, Ba2+, ammonium


Sulfites
(SO32-)



Group 1 metals, ammonium, dilute acids

Hydroxides
(OH- )



Group 1 metals, Ca2+, Sr2+, Ba2+, dilute acids


Chromates 
(CrO42- )


Group 1 metals, Ca2+, Mg2+,ammonium, dilute acids

Having learned that substances such as sodium sulfate, barium hydroxide, and sodium hydroxide are strong electrolytes and exist entirely as ions in solution, we are equipped to write these chemical equations in a way that better represents what actually happens in solution.
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The equation above is a molecular equation in which none of the species is represented as ionized. A molecular equation shows the complete chemical formulas for the reactants and products. We know, however, that several of the species in the equation dissociate completely in solution. We convert the equation to a complete ionic equation by identifying the strong electrolytes and representing them as separated ions. The equation above becomes
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The ionic equation reveals that two of the species in solution (sodium ion and hydroxide ion) do not undergo any change in the course of the reaction. Ions that are present but play no role in the reaction are called spectator ions. Eliminating the spectator ions from both sides of the equation gives the      net ionic reaction.
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The net ionic equation for the combination of aqueous sodium sulfate and aqueous barium hydroxide is the same as the net ionic equation for any combination of a soluble sulfate and a soluble barium compound.

How to Write a Net Ionic Equation

1. Write a balanced molecular equation. 

2. Rewrite the equation to show the ions that form in solution when each soluble strong electrolyte dissociates or ionizes into its component ions. Only dissolved strong electrolytes are written in ionic form. 

3. Identify and cancel spectator ions that occur on both sides of the equation. 

There are many different types of reactions in chemistry.  In this class we will characterize reactions into five simple topics.  In order to figure out the product of a reaction, you must first learn to identify which type of reaction you are looking at, even if you are only given the reactants.  In other words, you will learn to figure out the products of a reaction by learning the correct type of reaction.

There are also many guidelines for a reaction.  These are special rules that you will learn to help you figure out reactivity patterns.  It is important to realize at this point that you are not required to know every single reaction that has ever existed.  Simply learn the basics and as you practice doing reactions; learn to develop an instinct on what type of reaction you are looking at, and what products will form from that reaction.
These are the five different types of reactions that you must learn:

1. Metathesis Reactions (double replacement)
2. Redox (Oxidation - Reduction) Reactions

3. Organic Reactions

4. Complex Ion Formation

5. Lewis Acid-Base Reactions<!------------Metathesis-->
Metathesis Reactions (double replacement)
When you see two binary ionic compounds (including acids), the compounds switch partners to form two new compounds. The driving force and product is either a gas, a precipitate, or a weak electrolyte.  

	PRIVATE
a gas
	memorize the metathesis products that form gases

	a precipitate
	memorize the solubility rules

	a weak electrolytes
	memorize the strong acids and bases so you can recognize a weak acid or base; memorize H2O as a weak electrolyte


Watch out for important stoichiometry...key words "equimolar", etc. for the formation of acid salts like 

HPO42-.  Remember how to write a net ionic equation to properly record the correct reaction.

Here are some special types of metathesis reactions (memorize them!):

Metal oxide + acid ( salt + water



Metal hydroxide + acid ( salt + water (neutralization)

Metal carbonate + acid ( salt + carbon dioxide + water

Metal bicarbonate + acid ( salt + carbon dioxide + water

Metal sulfite + acid ( salt + sulfur dioxide + water

Metal bisulfite + acid ( salt + sulfur dioxide + water

Top of Form 1

Bottom of Form 1

<!-------------Redox-->
RedOx (Oxidation - Reduction) Reactions

Essential knowledge: In oxidation-reduction (redox) reactions, there is a net transfer of electrons. The 
species that loses electrons is oxidized, and the species that gains electrons is reduced. 

a. In a redox reaction, electrons are transferred from the species that is oxidized to the species that is reduced. 

b. Oxidation numbers may be assigned to each of the atoms in the reactant and products; this is often an effective way to identify the oxidized and reduced species in a redox reaction. 

c. Balanced chemical equations for redox reactions can be constructed from tabulated half-reactions. 

d. Recognizing that a reaction is a redox reaction is an important skill; an apt application of this type of reaction is a laboratory exercise where students perform redox titrations. 

e. There are a number of important redox reactions in energy production processes (combustion of hydrocarbons and metabolism of sugars, fats, and proteins). 
Remember that a redox reaction is when one species loses electrons (oxidation) while another gains electrons (reduction). All single replacement reactions are many simple synthesis reactions (though not all) are redox reactions.

There are two types of single replacement reactions, in one, a metal or hydrogen replaces a positive ion:

M0  +  A+B-  ( M+B-  +  A0      (Note M represents a metal)
In the second, a nonmetal replaces a negative ion:



N20  +  A+B-  ( A+N-  +  B20     (Note N represents a nonmetal, not nitrogen)

Note that not all elements can replace other elements.  You need to check the standard reduction potentials table to see which element is more active.  However, on the AP exam it is assumed that ALL chemical reactions work!  Also note that metals can replace hydrogen in water to produce metal hydroxides and hydrogen gas: 
M0  +  H2O  ( M(OH)x  +  H20
Another common type of redox reaction is synthesis.  Here are a few examples:

Metal and oxygen produces metal oxides.
Nonmetal and oxygen produces nonmetal oxides.

Example: 2 Mg  +  O2  (  2 MgO

Example: C  +  O2  (  CO2
Similarly, many decomposition reactions are redox.  (They are simply synthesis reactions in reverse).

Memorize the common strong oxidizers  listed below: 

           oxidizers



oxidizers

H​+  +  MnO4-  (   Mn+2  +  H2O

HNO3 (concentrated) ( NO2  +  H2O

OH- + MnO4-    ( MnO2  +  H2O

HNO3 (dilute) ( NO  +  H2O

H​+  +  MnO2  (   Mn+2  +  H2O

H2SO4 (concentrated) ( SO2  +  H2O

H​+  +  Cr2O72-  (   Cr+3  +  H2O

IO3-    +  H+  (   I2  +  H2O

           H2O2    (  O2  +  H2O


Na2O2   +  H+ (   Na+  +  OH-

When you recognize great oxidizers like Cr2O72-, MnO4-, and MnO2, with acidified solutions in the test, but you may not remember what they turn into. So, remember the definition of an oxidizer: the ability to give off its oxygen components. So, acidified Cr2O72-, turn into Cr3+ and MnO2, and MnO4- will turn to Mn2+. As you can see, the oxygen components are "ripped off" and form water with H+ ions.

Recognize the equations for the oxidation and the reduction reactions of water during the electrolysis of water.  Watch out for keywords like "acidified solution" or an acid included in the reactants.

Anytime you see a neutral element, Cu°, O2, H2, etc. in a reaction, that reaction  must be a redox.
When reactions occur between a metal like Fe°, Cu°, Sn°, etc. (multiple ions possible metals: Fe2+ and Fe3+) reacts with reactive gases like O2, F2, Cl2 with the addition of heat, Fe° will ionize itself to maximum positive charge (-ic metal ions). 

Examples:


     2Fe°(s) + 3Cl2(g) + heat ( 2FeCl3(s)

Fe+2    +   Sn+4   (   Fe+3   +   Sn+2
When applying the rule of "Free Halogens + Dilute OH- ( Hypohalites ions," the addition of halide ions (such as Cl-) to the equation are required to obtain full credit on the reaction equations.

Example:



Cl2(g) + 2OH- ( ClO- + Cl- + H2O

When the hydrides of an alkali metal (Family 1), Ca, Ba, or Sr dissolve in water, hydroxides will form and H2 gas is released.
Example:



LiH(s) + H2O ( Li+ + OH- + H2(g)

Look for "battery" reactions (activity series of metals). When you are not sure which one will undergo changes, look at the reduction potential chart given in the AP Test (the metal with greatest potential will reduce). 

Example:



Mg°(s) + 2Ag+ ( Mg2+ + 2Ag°(s)

Be aware of Disproportionation Redox Reactions. These are the reactions when a portion substance is oxidized while the rest is reduced. The same chemical substance undergoes both oxidation and reduction. NO2 and H2O2 are classic chemicals that have this ability. 

Example:


3NO2(g) + H2O ( 2H+(aq) + 2NO3-(aq) + NO(g)

When you see electrolysis such as KI in water, you may be stuck on whether H2 gas will form and from which side. The following is the solution that always works. You know potassium is always going to the negative electrode. Let say K° forms at the negative electrode (cathode) and immediately undergoes reaction with water:

Example:


2 K° + 2 H2O ( 2 K+  +  2 OH-   + H2

<!--========Organic==========-->Complex Ion Formation
These are usually formed from a transition metal surrounded by ligands (polar molecules or negative ions). As a "rule of thumb" you place twice the number of ligands around an ion as the charge on the ion... example: the dark blue Cu(NH3)42+ (ammonia is used as a test for Cu2+ ions), and Ag(NH3)2+.

</DIV>
Aluminum also forms complex ions as do some post transitions metals. Ex: Al(H2O)63+

Visually, a precipitate may go back into solution as a complex ion is formed. For example, Cu2+ + a little NH4OH will form the light blue precipitate, Cu(OH)2. With access ammonia, the complex, Cu(NH3)42+, forms.

Keywords such as "excess" and "concentrated" of any solution may indicate complex ions. AgNO3 + HCl forms the white precipitate, AgCl. With excess, concentrated HCl, the complex ion, [AgCl2]-, forms and the solution clears.

The odd complex ion, [FeSCN]2+, shows up once in a while simply because it is commonly used.

Example:
Fe+3  +  (one drop of) SCN-   ( [FeSCN]2+
Transitional metals, such as Iron, Zinc and Chromium, can form complex ions. Aluminum can form complex ions as well. However, Group 1 and Group 2 metals cannot form complex ions.
Top of Form 4

Organic Reactions

Though a not a requirement for AP Chemistry, understanding these types of reactions is useful; especially in the bonding section of this course.
Combustion - complete combustion of hydrocarbons results in CO2 and H2O. Milder oxidation may change a primary alcohol into an aldehyde, a secondary alcohol into a ketone, etc.

Substitution - example: Br2 + a hydrocarbon results in HBr + a Br substitute for one of the hydrogens on a carbon.

Addition - a double bond is broken and atoms are attached to two carbons. If H2O is added, an H and OH add to the carbons. If Br2 is added, a Br atom is added to each of the carbons.

Esterification - organic acid + alcohol results in an ester and H2O

Top of Form 3

Bottom of Form 3

Bottom of Form 4

<!--========Lewis=========-->Lewis Acid-Base Reactions

Though a not a requirement for AP Chemistry, understanding these types of reactions is useful, especially in the bonding section of this course.
"HAVE PAIR WILL SHARE" -- Lewis Base. The formation of a coordinate covalent bond between NH3 and BF3 to form H3N:BF3 is a classic example of a Lewis acid-base reaction.

Oxides of metals and nonmetals are also Lewis Acids and Bases
Examples:



    CO2 + H2O (  H2CO3 

CaO + CO2 (  CaCO3

A metal oxide and water will always from a base. 

MgO(s) + H2O (  Mg(OH)2
A nonmetal oxide and water will always from an acid.
SO2(g) + H2O ( H2SO3 

Reactions - Problem Set

Give the balanced formulas to show the reactants and the products for the following chemical reactions. Each occurs in aqueous solution unless otherwise indicated. Represent substances in solution as ions if the substance is extensively ionized (In other words, show the net ionic equations when appropriate). Omit formulas for any ions or molecules that are unchanged by the reaction. In all cases a reaction occurs. 

Reaction Problems #1
     a)  solid calcium oxide is exposed to a stream of carbon dioxide gas.
  
b)  dinitrogen trioxide gas is bubbled into water.


c)  sodium hydrogen carbonate is dissolved in water.


d)  pellets of lead are dropped into hot sulfuric acid.


e)  potassium permanganate solution is added to a solution of oxalic acid (H2C2O4), acidified

with a few drops of sulfuric acid.


f)  magnesium turnings are added to a solution of iron(III) chloride.


g)  ethyl acetate is treated with a solution of sodium hydroxide.


h)  a suspension of zinc hydroxide is treated with concentrated sodium hydroxide solution.

Reaction Problems #2
a) dilute sulfuric acid is added to a solution of barium acetate.

b)  ammonium chloride crystals are added to a solution of sodium hydroxide.

c)  solid phosphorus pentachloride is added to excess water.

d)  a solution of hydrogen peroxide is catalytically decomposed.

e)  powdered iron is added to a solution of iron(III) sulfate.

f)  chlorine gas is bubbled into a solution of sodium bromide.

         g)
  a precipitate is formed when solutions of trisodium phosphate and calcium chloride are mixed.

h) benzene is treated with bromine in the presence of a catalyst.

Reaction Problems #3

a) gaseous silane, SiH4, is burned in oxygen.

        b)
equal volumes of 0.1M hydrochloric acid and 0.1M sodium monohydrogen phosphate are mixed.

c)  hydrogen sulfide gas is bubbled through a solution of lead (II) nitrate.

d)  solid zinc strips are added to a solution of copper (II) sulfate.

e)  solid lithium oxide is added to excess water.

f)  copper(II) sulfide is oxidized by dilute nitric acid

g)  silver chloride is dissolved in excess ammonia solution.

h)  propene reacts with water in the presence of a catalyst.
Top of Form 3
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Reaction Problems #4

  a)  a solution of copper(II) sulfate is electrolyzed using inert electrodes.

b)  hydrogen sulfide gas is bubbled through excess potassium hydroxide solution.

c)  solutions of silver nitrate and sodium chromate are mixed.

d)  sodium hydroxide solution is added to a precipitate of aluminum hydroxide in water.

e)  solid sodium sulfite is added to water.

f)
  a solution of formic acid, HCOOH, is oxidized by an acidified solution of potassium dichromate.

g)  ammonia gas and carbon dioxide gas are bubbled into water.

h) concentrated hydrochloric acid solution and solid manganese(IV) oxide are heated.

Top of Form 3

Bottom of Form 3

Reaction Problems #5

a)  solutions of sodium fluoride and dilute hydrochloric acid are mixed.

b)  a saturated solution of barium hydroxide is mixed with a solution of iron(III) sulfate.

c)  a solution of ammonium sulfate is added to a potassium hydroxide solution.

d)  carbon dioxide gas is bubbled through a concentrated solution of sodium hydroxide.

e)  solid copper is added to a dilute nitric acid solution.

f)  chlorine gas is bubbled into a cold solution of dilute sodium hydroxide.

  g)  a solution of potassium permanganate is mixed with an alkaline solution (basic) of sodium sulfite.


  h)  methyl iodide is heated with a solution of sodium hydroxide.
Top of Form 3
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Reaction Problems #6

a) magnesium metal is burned in nitrogen gas.

b)  sulfur dioxide gas is passed over solid calcium oxide.

c)  lead foil is immersed in silver nitrate solution.

d)  a solution of ammonium sulfate is added to a saturated solution of barium hydroxide.

e)  acetic acid solution is added to a solution of sodium hydrogen carbonate.

f) solid sodium dichromate is added to an acidified solution of sodium iodide.

g) a drop of potassium thiocyanate is added to a solution of iron(Ill) chloride.

h) ethanol is completely burned in air.

Reaction Problems #7

a) sodium metal is added to water.

b) dilute sulfuric acid is added to a solution of lithium hydrogen carbonate.

c) ethanol and formic acid (methanoic acid) are mixed and warmed.

d) excess concentrated potassium hydroxide solution is added to a precipitate of zinc hydroxide

e) the gases boron trifluoride and ammonia are mixed.

f) a solution of tin(II) chloride is added to a solution of iron(III) sulfate.

g) phosphorus(V)oxytrichloride is added to water.

h) an acidified solution of potassium permanganate is added to a solution of sodium sulfite.

Reaction Problems #8
a) a piece of lithium metal is dropped into a container of nitrogen gas.
b) dilute hydrochloric acid is added to a solution of potassium sulfite.

c) solid sodium oxide is added to water.

d) a solution of sodium sulfide is added to a solution of zinc nitrate.

e) a solution of ammonia is added to a dilute solution of acetic acid.

f) a piece of iron is added to a solution of iron(III) sulfate.

g) ethene (ethylene) gas is bubbled through a solution of bromine.

h)  chlorine gas is bubbled into a solution of potassium iodide.

Top of Form 3

Bottom of Form 3

Reaction Problems #9
a) solutions of zinc sulfate and sodium phosphate are mixed.

b) solutions of silver nitrate and lithium bromide are mixed.

c) a stream of chlorine gas is passed through a solution of cold, dilute sodium hydroxide.

d) excess hydrochloric acid solution is added to a solution of potassium sulfite.

e) a solution of tin(II) chloride is added to an acidified solution of potassium permanganate.

f) a solution of ammonium thiocyanate is added to a solution of iron(III) chloride.

g) samples of boron trichloride gas and ammonia gas are mixed.

h) carbon disulfide vapor is burned in excess oxygen. 

Top of Form 3

Bottom of Form 3

Reaction Problems #10
a) solutions of sodium iodide and lead nitrate are mixed.

b) a solution of ammonia is added to a solution of ferric chloride.

c) a solution of hydrogen peroxide is heated.

d) solutions of silver nitrate and sodium chromate are mixed.

e) hydrogen sulfide gas is bubbled through a solution of potassium hydroxide.

f) solid dinitrogen pentoxide is added to water.

g) a piece of solid bismuth is heated strongly in oxygen.

h) a strip of copper metal is added to a concentrated solution of sulfuric acid. 

Top of Form 3

Bottom of Form 3

Unit 5 – Gases

Learning Objectives
	SAP-7.A Explain the relationship between the macroscopic properties of a sample of gas or mixture of gases 
                using the ideal gas law. 
SAP-7.B Explain relationships between the motion of particles and the macroscopic properties of gases with:

                a. The Kinetic Molecular Theory (KMT).
                b. A particulate model.
                c. A graphical representation. 
SAP-7.C Explain the relationship among non-ideal behaviors of gases, interparticle forces, and/or volumes. SPQ-4.A Explain changes in the amounts of reactants and products based on the balanced reaction 
                equation for a chemical process.


Essential knowledge:
	SAP-7.A.1 The macroscopic properties of ideal gases are related through the ideal gas law: 
                   Equation: PV = nRT
SAP-7.A.3 Graphical representations of relationships between P, V, T, and n to describe gas behavior.
SAP-7.B.1 The kinetic molecular theory (KMT) relates the macroscopic properties of gases to motions of the  

                   particles in the gas. The Maxwell-Boltzmann distribution describes the distribution of the kinetic 
                   energies of particles at a given temperature.


The SI unit for pressure is the pascal (Pa), the name given to 1 N/m2, although units of atmosphere (atm) and torr are more commonly encountered.  Standard pressure is equal to 1 atm = 760 mm Hg = 760 torr = 1.01325 [image: image29.png]


105 Pa.

Four variables must be specified to define the physical condition of a gas: temperature, T; pressure, P; volume, V; and the amount of the gas, usually expressed in moles, n. The equations that express the relationships among these variables are known as the gas laws.
Boyle's law states that at constant temperature the volume of a fixed amount of gas is inversely proportional to its pressure. 

Charles's law states that at constant pressure the volume of a fixed amount of gas is directly proportional to its absolute temperature.

Avogadro's law states that at constant pressure and temperature, the volume of a gas depends on the number of moles.
The equations for Boyle's law, Charles's law, and Avogadro's law can all be combined to give a more general equation called the ideal-gas equation:

                                                            PV = nRT

where 
P  = pressure in units of atm

R  = the gas law constant 0.08206 L-atm/mol-K


V = volume in units of Liters

T  = temperature in units of Kelvin


n  = moles

We can also determine a new variable of pressure, volume or temperature when the conditions of the gas change.  To solve for this type of problem, we use the combined gas law:

P1V1  =  P2V2
T1          T2
The ideal-gas equation can be manipulated to solve a variety of different types of problems. In order to determine the density of a gas, we rearrange the equation to
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Density of a gas is generally expressed in g/L. Multiplication of the left and right sides of the equation by the molar mass ([image: image31.png]


) of the gas gives
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   = DRT/P
This allows us to determine the density of a gas when we know the molar mass, or vice versa.

Essential knowledge:
SAP-7.A.2 In a sample containing a mixture of ideal gases, the pressure exerted by each component 

                   (the partial pressure) is independent of the other components. Therefore, the total pressure of the 
                   sample is the sum of the partial pressures. 
                   Equation: PA = Ptotal x XA, where XA = moles A/total moles; 
                   Equation: Ptotal = PA + PB + PC + …
Dalton's law of partial pressures states that the total pressure (Pt) exerted by a mixture of gases is the sum of the pressures that would be exerted by each individual gas were it the only gas present. 
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where P1 is the partial pressure of gas 1 (the pressure exerted by gas 1), P2 is the partial pressure of gas 2, and so on. Each component of a gaseous mixture behaves independently of the other components, and a separate ideal-gas equation can be written for each component.
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or for the sum of all components
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where nt is the total number of moles in the mixture. 
The ratio of partial pressure of a particular component of a gaseous mixture to the total pressure exerted by the gas mixture is the mole fraction. Mole fraction, denoted X, is a measure of a gas's concentration in a mixture. It can also be calculated as the ratio of moles of the component to the total number of moles in the mixture.

X 1   =      P1      =     n1

               Ptotal          ntotal
Knowing the mole fraction of a component and the total pressure of a mixture, we can calculate the partial pressure of the component. 

Essential knowledge: 
SAP-7.B.2 All the particles in a sample of matter are in continuous, random motion. The average kinetic 
                   energy of a particle is related to its average velocity by the equation:
                   Equation: KE = ½mv2 

SAP-7.B.3 The Kelvin temperature of a sample of matter is proportional to the average kinetic energy of the 
                   particles in the sample. 
SAP-7.B.4 The Maxwell-Boltzmann distribution provides a graphical representation of the  

                   energies/velocities of particles at a given temperature. Temperature is a measure of the average 
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Kinetic-molecular theory is a way to explain why gases obey the gas laws, and it is summarized by the following statements. 

1. Gases consist of large numbers of molecules that are in continuous, random motion. (The word molecule is used here to designate the smallest particle of any gas; some gases, such as noble gases, consist of individual atoms.) 

2. The volume of all the molecules of the gas is negligible compared to the total volume in which the gas is contained. 

3. Attractive and repulsive forces between gas molecules are negligible. 

4. Energy can be transferred between molecules during collisions, but the average kinetic energy of the molecules does not change with time, as long as the temperature of the gas remains constant. In other words, the collisions are perfectly elastic. 

5. The average kinetic energy of the molecules is proportional to the absolute temperature. At any given temperature the molecules of all gases have the same kinetic energy. 







 KE = 1/2  mv2  


Average Kinetic Energy = 1/2 the mass of the particles times their velocity squared.
Kinetic-molecular theory can be used to explain observations of the behavior of gases.

1. Effect of a volume increase at constant temperature. The fact that temperature remains constant means that the average kinetic energy of the gas molecules remains unchanged. This in turn means that the rms speed of the molecules, u, is unchanged. However, if the volume is increased, the molecules must move a longer distance between collisions. Consequently, there are fewer collisions per unit time with the container walls, and the pressure decreases. Thus, the model accounts in a simple way for Boyle's law. 

2. Effect of a temperature increase at constant volume. An increase in temperature means an increase in the average kinetic energy of the molecules, and thus an increase in u. If there is no change in volume, there will be more collisions with the walls per unit time. Furthermore, the change in momentum in each collision increases (the molecules strike the walls harder). Hence, the model explains the observed pressure increase. 
Diffusion is the mixing of one substance with another. Effusion is the escape of a gas from a container through a small opening. A consequence of the fact that molecular speed at a particular temperature depends on molecular mass is that lighter molecules undergo diffusion and effusion at faster rates than do heavier molecules. This is summarized by Graham's law: 
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where r1 and r2 are the rates of effusion of two different gases under the same conditions. [image: image38.png]
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2 are the molar masses of gases 1 and 2 respectively.  This explains why balloons filled with helium deflate more rapidly than those filled with air. The helium atoms, being lighter, escape through the tiny openings in the porous rubber faster than the heavier nitrogen and oxygen molecules that make up air. 
GRAHAM'S LAW EQUATION WILL NOT BE ASSESSED ON THE AP EXAM
Deviations from ideal behavior result from the error in assuming that (1) gas molecules occupy no volume, and (2) gas molecules exhibit no intermolecular forces. At very low pressures and very high temperatures, these assumptions are reasonably valid.

Calculations for problems involving real gases are done with a modified gas equation known as the

van der Waals equation:
P = nRT – n2a

   V-nb     V2
 

 where a represents the intermolecular forces factor of the gas particles and

     b  represents the volume factor of the gas particles.
VAN DER WAALS EQUATION WILL NOT BE ASSESSED ON THE AP EXAM
Essential knowledge: 
	SPQ-4.A.3 Stoichiometric calculations can be combined with the ideal gas law and calculations 

                   involving molarity to quantitatively study gases and solutions.

                   (See the Gas Problems on the next few pages).


	

	

	


Gases - Problem Set

1. A sample of pure gas at 27 oC and 380 mmHg occupies a volume of 492 mL.  How many moles of gas are in this sample (R = 0.0821 L.atm/mol.K)

a)  0.010 moles
b)  7.6moles

c)  10. moles

d)  60. moles

e)  8.2  moles

2. The diffusion of carbon dioxide gas was 105 seconds.  For gas X, the diffusion time was 126 seconds (for the same number of moles and under the same conditions).  What is the approximate molar mass of gas X?    

a)  31 g/mol

b)  37 g/mol

c)  44 g/mol

d)  53 g/mol

e)  63 g/mol

3. A 22.4 L sample of a gas at STP has a mass of 16.0 grams.  What is its molecular weight?

a)  22.4 g/mol

b)  16.0 g/mol

c)  29.4 g/mol

d)  12.0 g/mol

e)  32.0  g/mol

4. A gas occupies a 1.5 liter container at 25 oC and 2.0 atm of pressure.  If the gas is transferred to a 3.0 liter conatainer at the same temperature, what will be its new pressure?

a)  1.0 atm

b)  2.0 atm

c)  3.0 atm

d)  4.0 atm

e)  5.0 atm

5. One mole of nitrogen, two moles of neon, and four moles of argon are sealed in a cylinder.  The combined pressure of the gases is 1400 mm Hg.  What is the partial pressure of the nitrogen in the cylinder?

a)  100mm Hg

b)  200 mm Hg
c)  400 mm Hg
d) 500 mm Hg         e) 1400 mm Hg

6. What is the density of sulfur dioxide gas at STP?

a)  0.72 g/L

b) 1.43 g/L

c)  2.86 g/L

d) 17.7 g/L      
e) 64.0 g/L

7. When a sample of gas in a closed container at constant volume is heated until its absolute temperature is doubled, which of the following is also doubled? 

a)  the density of the gas

c)  the average velocity of the gas molecules

b)  the pressure of the gas

d)  the potential energy of the molecules

8. A gaseous mixture consists of 11.0 g of carbon dioxide and 48.0 g of oxygen gas.  The volume of the container is 222.4 L and the temperature is 273 oC.  Calculate the following:

a)  the moles of each gas

b)  total moles of all gases

c)  the mole fraction of each gas


d) the partial pressure of each gas         

e) the total pressure of the mixture

9. An 11.2 L container is filled with hydrogen gas at STP.  Then 40.0 g of liquid Br2 is introduced and the mixture is heated to 101 oC.  At this temperature the following reaction goes to completion:

H2 (g)   +   Br2 (g)   (   2 HBr (g)
Calculate the final pressure in the container at 101 oC. 

10. A 7.5 g sample of PCl5 is placed in an evacuated 3.00 liter flask and is completely vaporized at 252 oC.

a) Calculate the pressure in the flask if no chemical reaction were to occur.

b)  In reality at 252 oC the PCl5 is partially dissociated according to the following equation:

PCl5 (g)    (    PCl3 (g)   +   Cl2 (g)   

   The observed pressure in the flask after the reaction has ended (but not gone to completion) was found 

to be 0.807 atm.  Calculate the partial pressures of the PCl5,  PCl3, and the Cl2   remaining in the flask    at  252 oC.

11. A good vacuum produced in a lab corresponds to 1 x 10-6 mm Hg of pressure at 25 oC.  Calculate the number of molecules per mL at this temperature and pressure.

12.  Real gases deviate from ideal gas behavior.  Using kinetic-molecular theory, explain how

13. At STP which of the following gases deviates most from ideal gas behavior?  Give two reasons:

CCl4,    SO2,   Cl2,   N2

14. Under what two conditions do real gases approach ideal gas behavior?

Unit 6 – Solutions

Learning Objectives
SPQ-3.C Explain the relationship between the solubility of ionic and molecular compounds in aqueous and 
                nonaqueous solvents, and the intermolecular inteolecular interactions between particles
SPQ-3.A Calculate the number of solute particles, volume, or molarity of solutions.

SPQ-3.B Using particulate models for mixtures:
                a. Represent interactions between components. 
                b. Represent concentrations of components.
SAP-8.C Explain the amount of light absorbed by a solution of molecules or ions in relationship to the 
                concentration, path length, and molar absorptivity.

Solutions are homogeneous mixtures of two or more substances. The substance present in greatest amount is called the solvent, and the other components present are called solutes. Although solutions consisting of a liquid solvent and a solid solute (dissolved in the solvent) are most familiar, solutions can involve many different combinations of the three states of matter.  When sodium chloride dissolves in water, the sodium and chloride ions and the polar water molecules are powerfully attracted to one another by ion-dipole interactions. Polar water molecules surround the ions in solution in a process called solvation. (When water is the solvent, the process is called specifically hydration.)  The driving force behind solution formation is the increased disorder achieved when solvent and solute are mixed. In general, processes that increase disorder tend to be spontaneous. This is how we can explain the fact that some spontaneous dissolution processes, such as that of ammonium nitrate, are endothermic. 
As a solid dissolves in water, the number of aqueous solute particles increases. As it dissolves, though, the reverse process (recrystallization of the solute) also occurs. As the concentration of dissolved solute increases, so does the rate of recrystallization. After a period of time the rate of recrystallization eventually equals the rate of dissolution, and a dynamic equilibrium is achieved. No further net increase in the amount of solute in solution occurs. When this dynamic equilibrium has been established, we call the solution saturated. (By definition, a saturated solution must be in contact with undissolved solid.) Furthermore, the concentration of solute in the saturated solution is the solubility of that solute in that solvent and at that temperature.  Unsaturated solutions contain less dissolved solute than is needed to form a saturated solution. Under certain conditions it is possible to prepare a supersaturated solution. A supersaturated solution contains a greater amount of solute than that needed to form a saturated solution. One way to prepare a supersaturated solution is to warm the solution and saturate it at a higher temperature and then to cool it gradually. A supersaturated solution is unstable and can be made to crystallize by the addition of a single crystal of the solid.

Liquids that mix with each other in all proportions are termed miscible, and those that do not mix with one another are immiscible. Polar and ionic substances tend to be soluble in polar solvents. Nonpolar substances tend to be soluble in nonpolar solvents. This observation is summarized in the expression, "Like dissolves like."

The solubilities of liquids and solids in water are not appreciably affected by increased pressure. The solubilities of gases are significantly affected by pressure. The solubility of a gas is directly proportional to the partial pressure of the gas over the solution. This relationship is known as Henry's law.
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The solubility of a solid in water typically increases with increasing temperature. However, there are some solids that actually become less soluble at higher temperatures. Sodium hydroxide is an example.
Essential Knowledge: 

SPQ-3.C.2 Substances with similar intermolecular interactions tend to be miscible or soluble in one another.

SPQ–3.B.1 Particulate representations of solutions communicate the structure and properties of solutions, by  

                    illustration of the relative concentrations of the components in the solution and drawings that show                

                    interactions among the components.
Three-Step Process of Dissolution

The heat of solution can be regarded as the sum of the enthalpy changes of three intermediate steps:

1. The breaking of bonds within the solute. The electrostatic attraction between two ions (endothermic)

2. The breaking of intermolecular attractive forces within the solvent. (endothermic)

3. The formation of new attractive solute-solvent bonds in solution (exothermic)

The value of the overall heat of solution, Hsol is the sum of these individual steps. Depending on the relative signs and magnitudes of each step, the overall heat of solution can be either positive or negative, and therefore either endothermic or exothermic. This depends entirely on if more energy was used to break the solute-solute and solvent-solvent bonds, or if more energy was released when solute-solvent bonds were formed.

If more energy is released in making bonds than is used in breaking bonds, the overall process is exothermic, and Hsol is negative. If more energy is used in breaking bonds than is released upon solute-solvent bond formation, then the overall process is endothermic, and Hsol is positive.

	SPQ–3.A.1 Solutions, also sometimes called homogeneous mixtures, can be solids, liquids, or gases. In a solution, 
                    the macroscopic properties do not vary throughout the sample. In a heterogeneous mixture, the 
                    macroscopic properties depend on location in the mixture.

	SPQ–3.A.2 Solution composition can be expressed in a variety of ways; molarity is the most common method 
                    used in the laboratory.   EQUATION:  M = nsolute / Lsolution



Qualitatively, we refer to solutions as being concentrated (containing a relatively large amount of solute) or dilute (containing a relatively small amount of solute). Usually, though, it is necessary to specify the concentration of a solution in a more quantitative way. Concentrations of solutes can be expressed in a number of different ways.

Mass percentage is simply the ratio of solute mass to total mass, times 100.
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For very dilute solutions the concentration might be expressed in parts per million (ppm). A 1 ppm aqueous solution contains approximately 1 milligram of solute per liter of solution.
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Mole fraction is the ratio of moles of a solution component to total moles of all components in the solution. Often symbolized X, mole fraction has no units.
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Solution composition can be expressed in a variety of ways; molarity is the most common method used in the

laboratory.  Molarity is the ratio of moles of solute to liters of solution. Molarity (M) can vary slightly with 

temperature because the density of a solution can vary slightly.
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Molality, symbolized m, is the ratio of moles of solute to kilograms of solvent. (For dilute aqueous solutions, molarity and molality are roughly equal.) Molality does not vary with temperature, because mass is not temperature-dependent.
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Normality, symbolized (N), is the ratio of equivalents of solute to liters of solution.   The difference between Normality and Molarity is that 1 mole of an ionic substance will have more than one equivalent.  For example, a 1 M solution of H2SO4 will have 2 equivalents of H+ ions.  Therefore, a 1 M solution of H2SO4 would be considered a 2 N solution.  Another way to look at it is like this:

Normality   =   (Molarity)   x   (# of equivalents or ions)

Essential Knowledge: Titrations may be used to determine the concentration of an analyte in a solution. The 
titrant has a known concentration of a species that reacts specifically with the analyte. The equivalence 
of the titration occurs when the analyte is totally consumed by the reacting species in the titrant. The 
equivalence point is often indicated by a change in a property (such as color) that occurs when the 
equivalence point is reached. This observable event is called the end point of the titration. 
To find the molarity of the unknown species in a titration, you can use the formula:








M1V1=M2V2
where M is the Molarity and V is the volume.  This formula also works for doing dilutions.  If you know the

original molarity of the solution, M1, you can calculate either the new molarity, M2, or the volume of M1 

needed, V1, to make the new concentration of solution, M2.  Understanding how to prepare solutions of
specified molarity through direct mixing of the components, through use of volumetric glassware, and by

dilution of a solution of known molarity with additional solvent is important for performing laboratory work in

chemistry. 

Essential Knowledge: 

	SAP–8.C.1 The Beer–Lambert law relates the absorption of light by a solution to three variables according to 
                    the equation:   EQUATION:  A = εbc.
                                                          The molar absorptivity ε describes how intensely a sample of molecules or ions absorbs light of a 
                    specific wavelength.  The path length b and concentration c are proportional to the number of 
                    absorbing species.

	SAP–8.C.2 In most experiments the path length and wavelength of light are held constant. In such cases, 
                   the absorbance is proportional only to the concentration of absorbing molecules or ions.


The Beer-Lambert law (also called the Beer-Lambert Bouguer law or simply Beer's law) is the linear

relationship between absorbance and concentration of an absorber of electromagnetic radiation. The general

Beer-Lambert law is usually written as: 
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where A is the measured absorbance, a[image: image47.png]


 is a wavelength-dependent absorptivity coefficient, b is the path length, and c is the analyte concentration. When working in concentration units of molarity.
Colligative Properties
COLLIGATIVE PROPERTIES WILL NOT BE ASSESSED ON THE AP EXAM. CALCULATIONS OF MOLALITY, PERCENT BY MASS, AND PERCENT BY VOLUME WILL NOT BE ASSESSED ON THE AP EXAM. HOWEVER, IT IS STILL A USEFUL PROCESS TO DEERMINE UNKNOWNS.

Certain properties of solutions depend only on the number of dissolved particles and do not depend on the identity of those particles. Such properties are called colligative properties.

The vapor pressure of a pure solvent is reduced by the presence of a nonvolatile solute.  A volatile substance is one that escapes readily into the vapor phase. A nonvolatile substance is one that exerts essentially no vapor pressure.) The amount by which the vapor pressure is lowered depends on the concentration of the solution. Quantitatively, this is expressed by Raoult's law, which says that the vapor pressure of a solution, PA, is proportional to the mole fraction of the solvent, XA. PA° is the vapor pressure of the pure solvent. Just as an ideal gas was one that obeyed the ideal gas law, an ideal solution is one that obeys Raoult's law.
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A solution of a nonvolatile solute will boil at a higher temperature than will pure solvent. (Salting the water used for cooking increases the temperature at which it boils.)  A similar argument, although it is not quite as intuitive, can be made to explain the depression of the freezing point. (Salting the roads during the winter lowers the freezing point of water and turns icy roads into wet roads.) 

We now have two formulas for calculating the change in boiling point and freezing point of a solution.  These two formulas are called boiling point elevation and freezing point depression:
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The constants Kb and Kf are the molal boiling-point-elevation constant and molal freezing-point-depression constant, respectively. The constants Kb and Kf depend only on the solvent. For water, Kb = 0.52°C/m and Kf = 1.86°C/m. Table 13.4 lists some common solvents and their boiling-point-elevation and freezing-point-depression constants.  m  stands for the molaity of the “particles” in solution.

When a semipermeable membrane (one through which solvent can move but solute particles cannot) separates a solution and pure solvent, solvent will flow through the membrane into the solution. This phenomenon is known as osmosis. With an apparatus like the one shown in Figure 10-1, osmosis can be stopped by application of pressure to the side of the tube containing the solution. The pressure required to just stop the flow of osmosis is called the osmotic pressure. Osmotic pressure, denoted [image: image51.png]


, depends on Molarity,(M). n are the number of moles. V is volume in liters, T is temperature in Kelvin, and R is the gas law constant, 0.0821 L-atm/mol-K.
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Osmosis is very important biologically. When the cells are placed in a solution with a lower molar concentration (hypotonic) than the solution inside the cells, water flows across the membrane into the cells, swelling them and eventually bursting them. Conversely, when the cells are placed in a solution with a higher molar concentration (hypertonic) than the solution inside, water flows out of the cells causing them to shrivel. Both processes destroy the blood cells. For red blood cells to be protected, they must be kept in a solution that is isotonic (same molar concentration, same osmotic pressure) with the solution within their cell membranes.

Colligative properties can be used to determine the molar mass of a compound. Consider a solution made by dissolving 6.75 g of an unknown nonelectrolyte in 500 g of water. The measured freezing point of the solution is –0.74°C.
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The molal concentration of the solution is
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The number of moles of solute is
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The molar mass is simply grams over moles.
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It is important to note that if an electrolyte is dissolved into a solution, the boiling and freezing points will change more significantly because of the number of particles dissolved.  This is why rock salt (CaCl2) is used on roads.  Rock salt will break up into three ions, thereby tripling the change in freezing point.  Therefore, the formulas for boiling point elevation and freezing point depression for an electrolytic solution are:

Tb   =   Kb   x   m   x    i

and 

Tf   =   Kf     x   m   x   i
where i  is called the van’t Hoff factor, or the number of particles (ions) dissolved in solution
Colloids
Colloids will not be assessed on the AP Exam.

Colloids, or colloidal dispersions, are suspensions of particles so small that they do not settle out of the medium in which they are dispersed. Colloid particles range in size from 10 to 2000 Å.  Colloids dispersed in water may be hydrophilic or hydrophobic. Hydrophilic (water-loving) colloids include suspensions of biologically important molecules such as enzymes and antibodies in the human body. These giant molecules have exterior hydrophilic groups that help keep them suspended in water. Such molecules also have hydrophobic (water-fearing) components, but they fold in such a way as to prevent the hydrophobic groups from coming into contact with the water.
Solutions- Problem Set

These questions will not be assessed on the AP Exam.
1.  As the temperature of water increases, the solubility of gases


a)  increases

b)  decreases

c)  remains the same

2.  When a nonvolatile solute is dissolved in water to form a solution, the vapor pressure of the solution:

a)  increases

b)  decreases

c)  remains the same

3.  Which of the following would have the lowest freezing point?

a)  0.15 M glucose

b)  0.30 M sucrose
c)  0.15 M NaCl
d)  0.30 M CH3COOH


4.  A solution of 5.00 g of X in 60.0 g of water freezes at -1.00 oC.  What is the molar mass of X?  

(Kf for water = -1.86 oC/m)

5.  A student dissolves 1.50 g of a compound in 75.0 g of cyclohexane.  The freezing point of this solution 

became 2.70  oC.  The normal freezing point of cyclohexane is 6.5 oC.  What is the molar mass of this compound?  (Kf for cyclohexane = -20.2 oC/m).

6.  A solution contains 102 g of C12H22O11 in 375 g of water.  Calculate: 


a)  the mole fraction of sugar


b)  the vapor pressure of the solution at 25 oC. (Pressure of pure water = 23.75 mm Hg at 25 oC).

Unit 7 – Kinetics

Learning Objectives
TRA-3.A Explain the relationship between the rate of a chemical reaction and experimental parameters. 
TRA-3.B Represent experimental data with a consistent rate law expression. 
TRA-3.C Identify the rate law expression of a chemical reaction using data that show how the concentrations of 
                 reaction species change over time.  
TRA-4.A Represent an elementary reaction as a rate law expression using stoichiometry.   
TRA-4.B Explain the relationship between the rate of an elementary reaction and the frequency, energy, and 
                orientation of molecular collisions.  
TRA-4.C Represent the activation energy and overall energy change in an elementary reaction using a reaction 
                 energy profile.  
TRA-5.A Identify the components of a reaction mechanism.   
TRA-5.B Identify the rate law for a reaction from a mechanism in which the first step is rate limiting.   
TRA-5.D Represent the activation energy and overall energy change in a multistep reaction with a reaction 
                 energy profile.   
ENE-1.A Explain the relationship between the effect of a catalyst on a reaction and changes in the reaction  

                 mechanism.

Essential knowledge: 
	TRA–3.A.1 The kinetics of a chemical reaction is defined as the rate at which an amount of reactants is 
                     converted to products per unit of time.

	TRA–3.A.2 The rates of change of reactant and product concentrations are determined by the 
                     stoichiometry in the balanced chemical equation.

	TRA–3.A.3 The rate of a reaction is influenced by reactant concentrations, temperature, surface area,
                    catalysts, and other environmental factors.


Chemical kinetics is the study of how rapidly chemical reactions occur. The reaction rate is defined in terms of the rate of appearance of a product or the rate of disappearance of a reactant. Reaction rates depend on:

1. The concentrations of the reactants

2. The temperature at which the reaction occurs

3. The presence of a catalyst

4. The surface area of solid or liquid reactants of catalysts
We can define the average rate of a reaction, (A ( B), as the change in moles of B (or A) per unit time.  We can either express this average rate in terms of the disappearance of A or the appearance of B. Because the number of moles of A decreases, it is necessary to introduce a minus sign into the formula in order for rate to be expressed as a positive quantity.  The rate of appearance of B is equal to the rate of disappearance of A because they have a one-to-one stoichiometric relationship. 

Table 14.1 gives the average rate for each ten-second interval for the reaction A[image: image57.png]


 B.
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Most often, reaction rates are expressed in units of concentration, usually M/s (Ms–1), rather than moles. Consider the reaction

[image: image59.png]CH,Cl(ag) + H,0() = C,H,OH(ag) + HCl (aq)




We start with a 0.1000 M aqueous solution of C4H9Cl and monitor the concentration as the reaction proceeds over the course of 15 minutes. We can express the average rate of reaction in terms of the change in concentration. (Square brackets are used to denote concentration.)

[image: image60.png]_ A H,Cl] [ [CoHLCl snat i [CoHy Clinio i

A te =
eragerate At (Final time) - (initial time)





Although we can calculate the average rate, it is usually desirable to know the instantaneous rate of a reaction at a particular time. The instantaneous rate is equal to the slope of the tangent to the curve at any given time.  So far we have considered only reactions in which the reactant and product have a one-to-one stoichiometric relationship. For a reaction in which this is not the case, the rate of reaction may not be equal to the rate of appearance of the product (or disappearance of the reactant). For the sake of consistency, we define the average rate of reaction for the hypothetical reaction aA + bB [image: image61.png]
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Essential knowledge: 
	TRA–3.B.1 Experimental methods can be used to monitor the amounts of reactants and/or products of a reaction 
                    and to determine the rate of the reaction.

	TRA–3.B.2 The rate law expresses the rate of a reaction as proportional to the concentration of each reactant 
                     raised to a power.

	TRA–3.B.3 The power of each reactant in the rate law is the order of the reaction with respect to that reactant. 
                    The sum of the powers of the reactant concentrations in the rate law is the overall order of the reaction.

	TRA–3.B.4 The proportionality constant in the rate law is called the rate constant. The value of this constant is 
                    temperature dependent and the units reflect the overall reaction order.

	TRA–3.B.5 Comparing initial rates of a reaction is a method to determine the order with respect to each reactant.


Most chemical reactions slow down as they progress. This is due to the dependence of the reaction rate on reactant concentration. To study the effect that concentration has on the rate of a reaction, we vary the concentrations of reactants and measure the initial rate of reaction at each concentration. Table 14.3 contains data collected for the reaction

[image: image63.png]NH,"(ag)+ NO, (ag) — N, (g) + 2H,0()




[image: image64.png]TABLE143  Rate Data for the Reaction of Ammonium and Nitrite lons.

in Waterat 25°C
Experiment Initial NE,* Initial NO,~ Observed Initial
Number _ Concentration(Af) Conceniration (#f) Rate (Af/s)

1 00100 02m 545107

2 00200 02m 108 107

3 00400 02m 25107

1 00600 02m 23107

5 02m 00202 108 107

6 02m 00404 216 x 107

7 02m 00606 24 X107

8 02m 00808 133107




The data in the table indicate that the rate of this reaction does depend on the concentrations of both reactants. In fact, the rate appears to be proportional to each of the concentrations. If it is proportional to each reactant's concentration, then it is proportional to the product of their concentrations.

[image: image65.png]Rate = k[NH,* |[NO,”]




The constant k is the rate constant. The equation relating rate to reactant concentrations is called the rate law. Using any of the experiments listed in the table, we can determine the value of the rate constant. Using the data from experiment 2,

[image: image66.png]108107 M /5 = &(0.0200 M) (0.200 )
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In general, reactions have the rate law

[image: image68.png]Rate = k[reactant1]*[reactant 2]*




The exponents  m and  n must be determined experimentally. The exponent to which a reactant's concentration is raised in the rate law is referred to as the reaction order with respect to that reactant. In the ammonium ion and nitrite ion example, the exponents in the rate law were both 1. We would say that the reaction is  first order in ammonium ion and  first order in nitrite ion. The overall reaction order is the sum of the exponents in the rate law. We would then say that the ammonium and nitrite reaction is second order overall.

The rate law for a reaction can be determined using the method of initial rates. (Table 14.3 gave the initial rates for a series of experiments in which the reactant concentrations were varied.) For the reaction A + B [image: image69.png]


C, the following data were collected.

	Experiment Number
	[A](M)
	[B](M)
	Initial Rate (M/s)

	1
	0.100
	0.100
	4.0 [image: image70.png]


10–5

	2
	0.100
	0.200
	8.0 [image: image71.png]


10–5

	3
	0.200
	0.100
	16.0 [image: image72.png]


10–5


 

The rate law for this reaction is rate = k[A]m[B]n. We will use the experimental data to determine the values of  m, n, and  k.

To evaluate the effect of  one reactant's concentration, we compare two experiments in which the  other reactant concentration does not change. Note that when the concentration of A remains constant and the concentration of B is doubled, the rate doubles. This tells us that the reaction is first order in B.

[image: image73.png]



When the concentration of B remains constant and the concentration of A is doubled, the rate increases by a factor of four.

[image: image74.png]



We have now seen two different ways to express the rate of the reaction A( when the reaction is a first-order process. We can set these two different expressions equal to each other. 

[image: image75.png]Rate =~




Units of the rate constant depend on the overall order of the reaction. In the ammonium and nitrite example the units of  k are M –1s–1. These are the units necessary to cancel properly and give the rate in units of Ms–1.

	Overall Order of Reaction
	Units of k

	0
	Ms –1

	1
	s–1

	2
	M –1s–1

	3
	M –2s–1


 Essential knowledge: 
	TRA–3.C.1 The order of a reaction can be inferred from a graph of concentration of reactant versus time.

	TRA–3.C.2 If a reaction is first order with respect to a reactant being monitored, a plot of the natural log (ln) 
                    of the reactant concentration as a function of time will be linear.

	TRA–3.C.3 If a reaction is second order with respect to a reactant being monitored, a plot of the reciprocal of 
                    the concentration of that reactant versus time will be linear.

	TRA–3.C.4 The slopes of the concentration versus time data for zeroth, first, and second order reactions can be 
                     used to determine the rate constant for the reaction.
                     Zeroth order:   EQUATION:  [A]t – [A]o = –kt
                     First order:      EQUATION:  ln[A]t – ln[A]o = –kt
                     Second order:  EQUATION:  1/[A]t – 1/[A]o = kt


	TRA–3.C.5 Half-life is a critical parameter for first order reactions because the half-life is constant and related 
                    to the rate constant for the reaction by the equation:     EQUATION:  t½ = 0.693/k


	TRA–3.C.6 Radioactive decay processes provide an important illustration of first order kinetics.


In order to transform this equation into one that relates the concentration of A at any time, [A] t, to the concentration of A at the start of the reaction, [A]0, we use some basic calculus.  Although you will not be expected to do the calculus, you should know how to apply the resulting equation:

[image: image76.png]In[A], -n[A],= ke



      or       [image: image77.png]



The result can be rearranged to have the form of an equation for a straight line ( y =  mx + b).

[image: image78.png]In[A],=-k t+In[a],




A graph of ln[A]t versus time (for a first-order reaction) gives a straight line with a slope of –k and an intercept of ln[A]0. (Because under conditions of constant volume and temperature, n and therefore M are proportional to P, we can substitute partial pressures for concentrations in any of the preceding equations.) Figure 1 shows the graphs of pressure versus time and ln(pressure) versus time for a first-order reaction.

Figure 1
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The half-life is the amount of time required for a reactant's concentration to be reduced by one half. For a first-order process the half-life does not depend on starting concentration. Substituting [A] t, where  t =  t1/2, (at  t =  t1/2, [A] =  ½ [A]0)
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A second-order reaction has the rate law: rate = k[A]2 or rate = k[A][B]. For the former case, again using calculus, we derive the following expressions for second-order reactions.

[image: image82.png]
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Note that, in contrast to first-order reactions, the half-life of a second-order reaction depends on the starting concentration of reactant. Figure 2 shows the data for a second-order reaction (2NO2(g) [image: image84.png]


2NO(g) + O2(g) at 300° C) plotted in two different ways.

Figure 2
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A zero-order reaction has the rate law: rate = k.  Note that in a zero order reaction, concentration is irrelevant.  This is the only case where the plot of concentration vs. time would produce a straight line. Again using calculus, we derive the following expressions for zero-order reactions:





[A] = -kt = [A]o              and        t1/ 2 =  [A]o /2k
In general, as temperature increases, the rate of a chemical reaction increases also.  We can explain this using the collision model. The collision model is based on kinetic-molecular theory and says that since molecules must collide to react, the more collisions per second, the faster the reaction occurs. According to kinetic-molecular theory, the higher the absolute temperature, the more collisions there will be per second.  In addition to increasing the number of collisions, higher temperature contributes to more forceful collisions because molecules are moving faster. Still, only a very small percentage of the collisions result in a reaction.  order for a collision to result in a reaction, it must be an effective collision. The molecules must be moving fast enough and oriented properly so that a reaction can occur. 

Essential knowledge: 
	TRA–4.B.2 In most reactions, only a small fraction of the collisions leads to a reaction. Successful collisions 
                    have both sufficient energy to overcome energy barriers and orientations that allow the bonds to 
                    rearrange in the required manner.

	TRA–4.B.3 The Maxwell–Boltzmann distribution curve describes the distribution of particle energies; this 
                    distribution can be used to gain a qualitative estimate of the fraction of collisions with sufficient 
                    energy to lead to a reaction, and also how that fraction depends on temperature.


The colliding molecules must have a total kinetic energy equal to or greater than the activation energy, Ea. The activation energy is the minimum energy required to initiate a chemical reaction.  The difference between the energy of the original molecule and the highest point in the reaction pathway is called the activation energy. At the point of greatest energy, the species present is called the transition state. It is also referred to as an activated complex. Only molecules with sufficient kinetic energy can get over the activation energy "hill."  In order for a reaction to occur, there are two factors that will result in an effective collision between particles.  One is  that the whether the magnitude of the collision energy is sufficient to overcome the activation energy.  The other is that the particles hit with the correct orientation in order to have a successful collision that will result in a reaction.  Figure 11.3 on the next page demonstrates an energy profile for an exothermic reaction.
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	Figure 11.3  Energy profile for the rearrangement of methyl isonitrile.


Essential knowledge: 
	TRA–4.C.2 The reaction coordinate is the axis along which the complex set of motions involved in 
                     rearranging reactants to form products can be plotted.

	TRA–4.C.3 The energy profile gives the energy along the reaction coordinate, which typically proceeds 
                    from reactants, through a transition state, to products. The energy difference between the reactants 
                    and the transition state is the activation energy for the forward reaction.

	TRA–4.C.4 The Arrhenius equation relates the temperature dependence of the rate of an elementary reaction to 
                     the activation energy needed by molecular collisions to reach the transition state.

	ENE–1.A.1 In order for a catalyst to increase the rate of a reaction, the addition of the catalyst must increase 
                    the number of effective collisions and/or provide a reaction path with a lower activation energy 
                    relative to the original reaction coordinate.


Calculations involving the Arrhenius equation will not be assessed on the AP Exam.
Since reaction rates are based on temperature, changing the temperature will change not only change the rate, but the rate constant, k, of a reaction.  Using more calculus, we can derive an equation that relates one rate constant to another as follows:
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Ea is the activation energy, R is the gas constant, and T is absolute temperature for each reaction.  

.

Reaction Mechanisms
Essential knowledge: 
	TRA–4.A.1 The rate law of an elementary reaction can be inferred from the stoichiometry of the molecules 
                     participating in a collision.

	TRA–4.A.2 Elementary reactions involving the simultaneous collision of three or more particles are rare.


TRA–4.B.1 For an elementary reaction to successfully produce products, reactants must successfully collide to 
                    initiate bond-breaking and bond-making events.
TRA–4.C.1 Elementary reactions typically involve the breaking of some bonds and the forming of new
Chemical equations do not give us any information about the reaction mechanism—exactly  how a reaction occurs. Some reactions occur in a single step. The rearrangement of CH3NC occurs in a single step. Such processes are called elementary steps, or elementary processes.

Most chemical reactions take place in a series of elementary steps. For each elementary step, we define the molecularity as the number of molecules participating in the elementary process. In the case of CH3NC the molecularity is 1 because only one reactant molecule is involved. Such a process is said to be unimolecular. Elementary processes in which two molecules must collide in order to react have a molecularity of 2. These processes are said to be bimolecular. 

Elementary processes involving three molecules are rare. They have a molecularity of 3 and are called termolecular.

The rate law for an elementary step can be written based on the balanced equation for the step. If we know that the reaction A + B [image: image88.png]


C occurs in a single step, its rate law is rate = k[A][B]. For any elementary step, the exponents in the rate law are the coefficients in the balanced equation. 

Essential knowledge: 
	TRA–5.A.1 A reaction mechanism consists of a series of elementary reactions, or steps, that occur in sequence. 
                    The components may include reactants, intermediates, products, and catalysts.

	TRA–5.A.2 The elementary steps when combined align with the overall balanced equation of a chemical reaction.

	TRA–5.A.3 A reaction intermediate is produced by some elementary steps and consumed by others, such that 
                    it is present only while a reaction is occurring.

	TRA–5.A.4 Experimental detection of a reaction intermediate is a common way to build evidence in support 
                    of one reaction mechanism over an alternative mechanism.

	TRA–5.B.1 For reaction mechanisms in which each elementary step is irreversible, or in which the first step 
                    is rate limiting, the rate law of the reaction is set by the molecularity of the slowest elementary step 
                    (i.e., the rate-limiting step).

	TRA–5.C.1 If the first elementary reaction is not rate limiting, approximations (such as steady state) must be 
                    made to determine a rate law expression.

	TRA–5.D.1 Knowledge of the energetics of each elementary reaction in a mechanism allows for the 
                    construction of an energy profile for a multistep reaction.


A reaction mechanism is a list of the elementary steps by which the reaction takes place. For any multistep process, there is one step that limits the overall rate of the process because it is so much slower than the others. We call this the rate-determining step.  The rate-determining step is always the slow step.

In order for a reaction mechanism to be plausible, it must meet two criteria.

1. The steps must add to give the equation of interest. 

2. The rate law predicted by the mechanism must be the same as the experimentally determined rate law. 
Note that because a reaction mechanism meets these two criteria does not mean that it is the correct mechanism; it simply means that it is possibly correct.

In a reaction mechanism a species that is first generated in one of the steps and then consumed in another is called an intermediate. An intermediate does not appear in the overall reaction.

When a species is first  consumed in one of the steps, and then  regenerated by another, it is called a catalyst. A catalyst also does not appear in the overall reaction.
Mechanism Examples

For an overall reaction:  2 NO (g) +  Cl2 (g)    (   2 NOCl (g)      

If the elementary steps for this reaction were as follows:

NO (g) +  Cl2 (g)    (    NOCl2 (g)      

(Slow step)
NOCl2 (g) +  NO (g)    (   2 NOCl (g)      
(Fast step)

We can now start to figure out the rate law.  Since only the slow step is important, the rate law for this reaction would be:  

rate = k [NO] [Cl2]

But what if the second step was the slow step in this reaction, then: 
NO (g) +  Cl2 (g)    (    NOCl2 (g)      

(Fast step)
NOCl2 (g) +  NO (g)    (   2 NOCl (g)      
(Slow step)

We can now start to figure out the rate law.  Since only the slow step is important, the rate law for this reaction would be:  

rate = k [NOCl2] [NO]

Note however that NOCl2 is an intermediate.  It gets consumed in the second step.  Therefore, we can replace NOCl2 with the reactants that formed it.  In other words, [NOCl2] = [NO] [Cl2].

So we can now correctly rewrite the rate law as: 
rate = k [NO] [Cl2] [NO]  or 

rate = k [NO]2 [Cl2]

Essential knowledge: 
	ENE–1.A.2 In a reaction mechanism containing a catalyst, the net concentration of the catalyst is constant. 
                    However, the catalyst will frequently be consumed in the rate-determining step of the reaction, 
                    only to be regenerated in a subsequent step in the mechanism.

	ENE–1.A.3 Some catalysts accelerate a reaction by binding to the reactant(s). The reactants are either oriented 
                    more favorably or react with lower activation energy. There is often a new reaction intermediate 
                    in which the catalyst is bound to the reactant(s). Many enzymes function in this manner.

	ENE–1.A.4 Some catalysts involve covalent bonding between the catalyst and the reactant(s). An example is 
                    acid-base catalysis, in which a reactant or intermediate either gains or loses a proton. 
                   This introduces a new reaction intermediate and new elementary reactions involving that intermediate.

	ENE–1.A.5 In surface catalysis, a reactant or intermediate binds to, or forms a covalent bond with, the surface. 
                   This introduces elementary reactions involving these new bound reaction intermediate(s).


Kinetics- Problem Set

1.  The rate of a chemical reaction between substances A and B was found to be, rate =k[A]2[B].  If the 

concentration of A was halved, what should be done to the concentration of B to keep the rate the same as before?

a)  The concentration of B should be kept constant

b)  The concentration of B should be doubled

c)  The concentration of B should be halved

d)  The concentration of B should be quadrupled

2.  The half-life of carbon-14 is 5570 years.  Its decay is a first order reaction.  How many years will it take for 

90% of a sample of carbon-14 to decompose?  

a)  5,570 years

b)  17,700 years
c)  18,600 years
d)  50,100 years

3.  For a first order reaction of half-life, 150 minutes, what is the rate constant in minutes-1?

a)  0.00104

b)  0.00462

c)  69.3

d)  216

4.  The rate of a chemical reaction between substances A and B was found to be, rate =k[A]2[B].  the value 

of the rate constant , k, can be increased by: 

a)  Increasing the concentration of A

b)  Increasing the concentration of B
c)  Increasing the temperature

d)  All of the above

5  The rate of a reaction  2 A + B ( C is consistent with the rate law, rate = k[A][B].  Which of the 

following mechanism could be correct with the above information?

a)  
A + B ( AB

(slow)


AB + A  ( C

(fast)

b)  
A + A ( A2

(slow)


A2 + B  ( C

(fast)

c)  
A + B ( AB

(fast)


AB + A  ( C

(slow)

d)  
A + A ( A2

(fast)


A2 + B  ( C

(slow)

6.  The rate of a 2nd order decomposition of substance A is 2.7 M.s-1 when the initial concentration of 

[A] is 0.60 M.  What is the initial rate of the reaction when [A] is 0.20M?

a)  0.30 M.s-1

b)  0.60 M.s-1

c)  0.90 M.s-1

d)  2.7 M.s-1
7.  The dissociation of HI molecules occurs at a constant temperature of 629 K.  The rate constant is 

k = 3.02 x 10-5 M-1s-1.  What is the reaction order for this reaction?  (Hint: look at the units)

a)  0


b)  1


c)  2


d)  3

8.  The decomposition of NaClO3 is a 1st order reaction.  A sample of NaClO3 was 90% decomposed in 48.0 

minutes.  How long would it take for a sample of NaClO3 to be 50% decomposed?

a)  14.4 min

b)  21.6 min

c)  24.0 min

d)  43.2 min

e)  48.0 min

Base your answers for questions 9 -11 on the following reaction and data table:

2 H2 (g) +   2 NO (g)    (    N2 (g) +  2 H2O (g)

Run #

Pressure of NO (atm)
Pressure of H2 (atm)

Rate (atm/sec)

  1


0.375



0.500


6.43 x 10-4
  2


0.375



0.250


3.22 x 10-4
 
  3


0.188



0.500


1.56 x 10-4
 
  4


1.000



1.000


9.00 x 10-3

9.  What is the rate law of this equation? 

a)  Rate = k [PNO]
b)  Rate = k [PNO]2 [PH2]

c)  Rate = k [PNO] [PH2]2
d)  Rate = k [PNO] [PH2]

e)  Rate = k [PNO]2 

10.  Calculate the value of the rate constant for this reaction

11.  Calculate the initial rate of this reaction if both [NO] and [H2] were initially 2.000 atm. 

12.  In the reaction A + B ( C, the data below was obtained.  Calculate the rate law for this reaction.

Run #

  [A]  

  [B]  

Rate (M/s)

  1

0.10

0.20

0.03

  2

0.20

0.20

0.06

 
  3

0.20

0.30

0.06

13.  For a 1st order reaction, what would you need to plot in order to get a straight line?

14. The decomposition of N2O5 is a 1st order reaction with a rate constant of k = 1.2 x 10-3 s-1 at 374 K.           

a) What is the half-life of this reaction?

b)  At 374 K, how much N2O5 would remain in a 1.0 L flask after 5.0 minutes after the introduction of 

0.050 moles of N2O5 ?
15.  In the reaction A + B ( C, the data below was obtained.  Calculate the rate law and the rate constant, k, for 

this reaction.

Run #

  [A]  

  [B]  

Rate (M/s)

  1

0.20

0.30

1350

  2

0.50

0.60

13500

 
  3

0.50

1.20

54000

16.  In the reaction 2 I-(aq) +  S2O82- (aq) ( I2 (aq)   +  2 SO42- (aq), the data below was obtained.  

a)  Calculate the rate law for this reaction

b)  Calculate the rate constant, k, for this reaction

c)  Determine the rate of this reaction when [I-] = [S2O82-] = 1.50 M

Run #

  [I-]   

  [S2O82-]  
Rate (M/s)

  1

0.10

0.080

3.12 x 10-5
  2

0.050

0.080

1.56 x 10-5
 
  3

0.10

0.040

1.56 x 10-5 
17.  In the reaction A + B ( C + D, the data below was obtained.

a)  Calculate the rate law for this reaction

b)  Calculate the rate constant, k, for this reaction

Run #

  [A]  

  [B]  

Rate (M/s)

  1

0.080

0.020

0.0048

  2

0.040

0.040

0.0096

 
  3

0.040

0.020

0.0024

18.  Out of the mechanisms listed below, which one is most consistent with the reaction, 2 A + B ( C, that is 

zero order in A, and 1st order in B?  Explain your answer.

a)  
A + B ( M

(slow)


A + M  ( C

(fast)

b)  
A + B ( M

(fast)

B + M  ( C

(slow)

c)  
B ( M

(slow)


A + M  ( N

(fast)

N + A (  C

(fast)

19. A 1st order decomposition has a rate constantof 1.00 x 10-3 s-1.  If the initial reactant concentration is 

0.50 M, how long must the reaction proceed before 80% of the reactant is used up?

20.  Explain how a catalyst speeds up a chemical reaction.

Unit 8  – Equilibrium

Learning Objectives
TRA-6.A Explain the relationship between the occurrence of a reversible chemical or physical process, and the 
                 establishment of equilibrium, to experimental observations. 

TRA-6.B Explain the relationship between the direction in which a reversible reaction proceeds and the relative         

                 rates of the forward and reverse reactions.

TRA-7.A Represent the reaction quotient Qc or Qp, for a reversible reaction, and the corresponding equilibrium          

                 expressions Kc=Qc or Kp= Qp.

TRA-7.B Calculate Kc or Kp based on experimental observations of concentrations or pressures at equilibrium.
TRA-7.C Explain the relationship between very large or very small values of K and the relative concentrations 
                 of chemical species at equilibrium.
TRA-7.D Represent a multistep process with an overall equilibrium expression, using the constituent K 
                 expressions for each individual reaction.
TRA-7.E Identify the concentrations or partial pressures of chemical species at equilibrium based on the initial 
                 conditions and the equilibrium constant.

TRA-7.F Represent a system undergoing a reversible reaction with a particulate model.
TRA-8.A Identify the response of a system at equilibrium to an external stress, using Le Châtelier's principle.

TRA-8.B Explain the relationships between Q, K, and the direction in which a reversible reaction will proceed 
                 to reach equilibrium.

Essential knowledge: 
	TRA–6.A.1 Many observable processes are reversible. Examples include evaporation and condensation of water, 
                    absorption and desorption of a gas, or dissolution and precipitation of a salt. Some important reversible 
                    chemical processes include the transfer of protons in acid-base reactions and the transfer of electrons 
                    in redox reactions.

	TRA–6.A.2 When equilibrium is reached, no observable changes occur in the system. Reactants and products 
                     are simultaneously present, and the concentrations or partial pressures of all species remain constant.

	TRA–6.A.3 The equilibrium state is dynamic. The forward and reverse processes continue to occur at equal rates, 
                     resulting in no net observable change.

	TRA–6.A.4 Graphs of concentration, partial pressure, or rate of reaction versus time for simple chemical reactions 
                    can be used to understand the establishment of chemical equilibrium.

	TRA–6.B.1 If the rate of the forward reaction is greater than the reverse reaction, then there is a net conversion 
                    of reactants to  products. If the rate of the reverse reaction is greater than that of the forward reaction, 
                    then there is a net conversion of products to reactants. An equilibrium state is reached when these
                    rates are equal.


For an elementary process A[image: image89.png]


 B, the rate is expressed as rate = kf [A]. Assuming that the reverse process,

B[image: image90.png]


 A, is also an elementary process, its rate is expressed as kr[B]. If a quantity of A is placed in a closed container and allowed to react, its concentration will diminish over time. As soon as a quantity of B is formed, the reverse reaction can begin take place. While the concentration of B is low, the rate of the reverse process is low. As its concentration increases, though, the rate of the reverse reaction also increases. Eventually, the reverse process rate will equal the forward process rate (which decreases as the concentration of A decreases). Both processes, forward and reverse, will continue to occur, but the net concentrations of A and B will stop changing. A dynamic chemical equilibrium has been established.
We write the equation for an equilibrium reaction with a double arrow to denote equilibrium.

[image: image91.png]
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This equilibrium occurs whether we start with only A in the closed container, or with only B. We can even start with a mixture of the two. When equilibrium has been established, the ratio of concentrations will equal a constant value, K.  (Note that the equilibrium constant is a capital K, where the rate constant is a lower case k).

For the general reaction aA + bB [image: image94.png]


cC + dD, the concentrations of reactants and products at equilibrium are related by the equilibrium-constant expression or simply the equilibrium expression
[image: image95.png]



where Kc is the equilibrium constant. The subscript c stands for concentration (molarity). The equilibrium expression is essentially  products over reactants, each raised to its coefficient in the balanced equation. 

Essential knowledge: 
	TRA–7.A.1 The reaction quotient Qc describes the relative concentrations of the reaction species at any time. 
                     For gas phase reactions, the reaction quotient may instead be written in terms of pressures as Qp. 
                     The reaction quotient tends toward the equilibrium constant such that at equilibrium
                     Kc = Qc and Kp = Qp. As examples, for the reaction:              aA + bB ⇄ cC + dD
                    the equilibrium expression for (Kc, Qc) is

                                                                          EQUATION:  
[image: image96.wmf][C][D]

[A][B]

cd

c

ab

K

=


                    And that for (Kp, Qp) is

                                                                          EQUATION:  
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	TRA–7.A.2 The reaction quotient does not include substances whose concentrations (or partial pressures) 
                     are independent of the amount, such as for solids and pure liquids.

	TRA–7.B.1 Equilibrium constants can be determined from experimental measurements of the concentrations or 
                    partial pressures of the reactants and products at equilibrium.

	TRA–7.C.1 Some equilibrium reactions have very large K values and proceed essentially to completion. 
                    Others have very small K values and barely proceed at all.


The equilibrium expression of a chemical reaction depends only upon the stoichiometry of the equation, and not on the mechanism by which the reaction takes place.

The value of the equilibrium constant depends only on the particular reaction and on temperature. It does not depend on starting concentrations of reactants or products. To illustrate this, we consider the following equilibrium reaction:

[image: image98.png]N,0,(g)
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The equilibrium expression for this reaction is

[image: image101.png]



When all of the species in the equilibrium expression are gases, it is possible to write the expression in terms of partial pressures, rather than molar concentrations. When we do this, we use a subscript P for pressure. 
Both Kc and Kp expressions can be written for equilibria involving only gases. In general, Kc and Kp are not equal to one another, although they can be equal under certain circumstances.

Conversion between Kc and Kp will not be assessed on the AP Exam.

In general, Kc and Kp are related by the equation

[image: image102.png]



where [image: image103.png]


n is the change in the number of moles of gas products – moles of gas reactants in the balanced equation.  Note that if the moles of gas are equal in a balanced reaction, then Kc = Kp.
The numerical value of the equilibrium constant tells us something about the nature of the reaction. When K (Kc or Kp) is a very large number, we say that the equilibrium lies to the right. That means that products predominate in the equilibrium mixture. When K is a very small number, we say that the equilibrium lies to the left and reactants predominate in the equilibrium mixture.

Solving ICE Box Problems

0.100 mol of N2O4 gas is placed in a 2.00-L vessel and allowed to equilibrate at 110°C. At equilibrium the concentration of NO2 is 0.072 M. Calculate the value of Kc for the reaction at this temperature.

We begin by filling in the concentrations that we know: the starting concentration of N2O4 and the equilibrium concentration of NO2.

 N2O4  [image: image104.png]


  2 NO2 
	PRIVATE
Initial 
	0.050 M 
	0 M 

	Change 
	
	0.072 M 

	Equilibrium 
	
	0.072 M 


Using a technique similar to the one in the previous section, we can use a known equilibrium constant to predict the equilibrium concentrations of reactants and products.

                          N2O4    [image: image105.png]


          2 NO2
	PRIVATE
Initial 
	0.050 M 
	0 M 

	Change 
	 0.036 M 
	0.072 M 

	Equilibrium 
	0.014 M 
	0.072 M 


Finally, we plug the equilibrium concentrations into the equilibrium expression to get Kc.
Using a technique similar to the one in the previous section, we can use a known equilibrium constant to predict the equilibrium concentrations of reactants and products. The Kc for the decomposition of HI gas at 450°C is 0.0195. If we were to place 0.560 mol of HI in a 5.00-L vessel and allow it to equilibrate, what would the equilibrium concentrations of HI, H2, and I2 be?

We begin by making an equilibrium table as we did in the previous section.

2 HI    [image: image106.png]


            H2
     +        I2
	PRIVATE
Initial 
	0.112 M 
	   0 M
	   0 M 

	Change 
	 2x M 
	+ x M
	+ x M

	Equilibrium 
	0.112  2x M
	  x M
	   x M


Then we plug these expressions of equilibrium concentration into the equilibrium-constant expression.


To solve for x, we take the square root of both sides of the equation.

Solving for x gives 0.0122. Plugging our value for x into the equilibrium table, we get... 

2 HI    [image: image107.png]


            H2
     +        I2
	PRIVATE
Initial 
	   0.112 M 
	   0 M
	    0 M 

	Change 
	 0.0244 M 
	+ 0.0122 M
	+  0.0122 M

	Equilibrium 
	   0.0876 M
	   0.0122 M
	    0.0122 M


As a final check, we plug these equilibrium concentrations into the equilibrium expression to make sure that they give the known value of Kc within the limits of rounding error.

Essential knowledge:
	TRA–7.D.1 When a reaction is reversed, K is inverted.

	TRA–7.D.2 When the stoichiometric coefficients of a reaction are multiplied by a factor c, K is raised to the power c.

	TRA–7.D.3 When reactions are added together, the K of the resulting overall reaction is the product of the K’s 
                    for the reactions that were summed.

	TRA–7.D.4 Since the expressions for K and Q have identical mathematical forms, all valid algebraic 
                    manipulations of K also apply to Q.

	TRA–7.E.1 The concentrations or partial pressures of species at equilibrium can be predicted given the 
                    balanced reaction, initial concentrations, and the appropriate K.


TRA–7.F.1 Particulate representations can be used to describe the relative numbers of reactant and product 
                    particles present prior to and at equilibrium, and the value of the equilibrium constant.
Reaction Quotient    (Q) 
When we start with quantities of both reactants and products, we must determine which direction the reaction will go to achieve equilibrium. We do this by calculating the reaction quotient. The reaction quotient is calculated the same way as the equilibrium constant—by plugging concentrations of reactants and products into the equilibrium expression. The difference is that the concentrations we plug in to get the reaction quotient are not equilibrium concentrations.

If we start with a mixture that is 0.1 M H2, 0.1 M N2, and 0.1 M NH3, the reaction quotient, Q, is

[image: image108.png]



Having calculated Q, we compare its value to that of K. If Q is less than K, the reaction will proceed to the right. If Q is greater than K, the reaction will proceed to the left. Q is equal to K at equilibrium. At 472°C, Kc for this reaction is 0.105. Since Q is greater than K, this reaction will proceed to the left, meaning that NH3 concentration will decrease and the concentrations of N2 and H2 will increase to achieve equilibrium.

Essential knowledge: 
	TRA–8.A.1 Le Châtelier’s principle can be used to predict the response of a system to stresses such as addition 
                    or removal of a chemical species, change in temperature, change in volume/pressure of a gas-phase 
                    system, or dilution of a reaction system.

	TRA–8.A.2 Le Châtelier’s principle can be used to predict the effect that a stress will have on experimentally
                    measurable properties such as pH, temperature, and color of a solution.


Le Châtelier's Principle
Le Châtelier's Principle can be stated as follows: When a system at equilibrium is stressed, the equilibrium will shift in such a way as to minimize the effect of the stress.

There are four ways to put a stress on an equilibrium system, thereby shifting equilibrium:

1.  Change concentration.  By increasing or decreasing concentration, the equilibrium shift to recreate the 

balance.  Note that this will only work on “concentrations”.  Adding more “non-dissolving solid” to a reaction will not do anything to equilibrium.

2.  Common ion effect.  By adding a new salt that contains a “common ion” to an already existing equilibrium,

equilibrium will shift just as it would by increasing concentration.

3.  Changing Pressure  By changing pressure, the equilibrium will shift to the side that is most ”favorable”

for the amount of gas particles in the container.

4.  Changing Temperature.  By changing temperature, the equilibrium will shift to the left if the reaction is exothermic, and to the right if the reaction is endothermic.  Both the rates of the forward are reverse reactions will increase as well.  Finally, changing temperature is the only way to change the value of the equilibrium constant, K.

The addition of a catalyst changes the rate at which equilibrium is established, but it does not affect the position of the equilibrium.
Equilibrium- Problem Set

Base your answers for questions 1 -3 on the following reaction:

Fe2O3 (s)    +   3 H2 (g)   ((  2 Fe (s)   +   3 H2O (g)

H = +15 kJ
1.  For the reaction above, calculate the equilibrium constant, Kc with the following equilibrium 

concentrations:  [H2O] = 1.0 M  and [H2] = 2.5 M

2.  For the reaction in question #1, calculate the equilibrium constant, Kp:

3.  Use the following choices:


a)  Shift left

b)  Shift Right

c)  No change

d) Not possible to predict

  
 to indicate the effect of each of the following stresses on the above reaction at equilibrium.


(i)
Decrease the volume of the container


(ii)
Add excess Fe2O3 (s)    

(iii)
Remove H2O (g)

(iv)
Increase temperature
4.  Calculate the equilibrium constant, Kp for    2 A (g) ( (  B (g)  +  3 C (g)   given that a 1.0 liter vessel was 

initially filled with 5.0 atm of pure A and then at equilibrium, the partial pressure of gas A was found to 

be 3.5 atm. 

5.  Ammonium chloride decomposes as follows:  NH4Cl (s) ( (  NH3 (g)  +  HCl (g) 
A)  Some solid NH4Cl is placed in an evacuated vessel at 25oC.  After equilibrium, the total pressure inside the vessel was found to be 0.659 atm.  Some solid NH4Cl remained in the vessel. at equilibrium.  For this decomposition reaction, write the expression for Kp and calculate its value.

B)  Some extra NH3 gas is injected into the vessel described in part (A).  When equilibrium is 

re-established at 25oC, the partial pressure of NH3 is twice that of HCl gas.  Calculate the numerical value for the partial pressures of NH3 and HCl at this new equilibrium point.

6.  The equilibrium constant, Kc for:  N2 (g)   +  O2 (g)    ( (   2  NO (g)   is 0.0400 at a very high temperature.  

The reaction is at equilibrium when [N2] = [O2] = 0.100 M  and [NO] = 0.0200 M in a 2.00 liter flask.  If 0.120 moles of NO is suddenly added to the reaction mixture, what will be the concentrations of al of the species when equilibrium is re-established? (Assume no volume changes)

7.  A 1.00 mole sample of CO2 is placed in a 1.00 liter container and allowed to reach equilibrium at 2500 oC in 

the following reaction:  CO2 (g)   ( (    CO (g)   +    ½  O2 (g).  When equilibrium is reached, 17.6% of the original carbon dioxide will have decomposed.  Calculate Kc.  

8. NaHCO3 decomposes at 160 oC according to the following reaction: 

2 NaHCO3 (s)   ( (    Na2CO3 (s)   +   H2O (g). +   CO2 (g).   

a) A sample of 100. grams of NaHCO3 was placed in an evacuated rigid 5.00 liter container and heated 

to 160 oC.  Some of the original NaHCO3 still remained.  The total pressure of the flask was 

7.76 atm at equilibrium.  Calculate the number of moles of water vapor present at equilibrium.

b) How many grams of  NaHCO3 remained in the container under the conditions described above?

c) Write the equilibrium expression for Kp and calculate its value at 160 oC.

d) If 110. grams of NaHCO3 had been placed in the 5.00 liter container and heated to 160 oC, what 

would the total pressure have been at equilibrium?  Explain.
Unit 9 – Acids, Bases, Buffers and Ksp
Learning Objectives
SAP-9.A Calculate the values of pH and pOH, based on Kw and the concentration of all species present in a 
                neutral solution of water.

SAP-9.B Calculate pH and pOH based on concentrations of all species in a solution of a strong acid/base.

SAP-9.C Explain the relationship among pH, pOH, and concentrations of all species in a solution of a  

                monoprotic weak acid or weak base.

SAP-9.D Explain the relationship among the concentrations of major species in a mixture of weak and strong 
                acids and bases.

SAP-9.E Explain results from the titration of a mono- or polyprotic acid or base solution, in relation to the 
                properties of the solution and its components.

SAP-9.F Explain the relationship between the strength of an acid/base and the structure of the molecule or ion.

SAP-10.A Explain the relationship between the predominant form of a weak acid or base in solution at a given 
                  pH and the pKa of the conjugate acid or the pKb of the conjugate base.

SAP-10.B Explain the relationship between the ability of a buffer to stabilize pH and the reactions that occur 
                  when an acid or a base is added to a buffered solution.

SAP-10.C Identify the pH of a buffer solution based on the identity and concentrations of the conjugate acid-
                  base pair used to create the buffer.

SAP-10.D Explain the relationship between the buffer capacity of a solution and the relative concentrations of 
                  the conjugate acid and conjugate base components of the solution.

SPQ-4.B  Identify the equivalence point in a titration based on the amounts of the titrant and analyte, assuming 
                 the titration reaction goes to completion.

TRA-2.B Identify species as Brønsted-Lowry acids, bases, and/or conjugate acid-base pairs, based on proton-
                 transfer involving those species.
SPQ-5.A Calculate the solubility of a salt based on the value of Ksp for the salt.

SPQ-5.B Identify the solubility of a salt, and/or the value of Ksp for the salt, based on the concentration of a 
                common ion already present in solution.

SPQ-5.C Identify the qualitative effect of changes in pH on the solubility of a salt.

Arrhenius defined an acid as a substance that produces H+ ions in water; he defined a base as a substance that produces OH– ions in water. HCl—one of the strong acids—is an Arrhenius acid. Sodium hydroxide—one of the strong bases—is an Arrhenius base.  Weak acids and bases such as acetic acid and ammonia also behave according to the Arrhenius definitions.

Essential knowledge: 
	TRA–2.B.1 By definition, a Brønsted-Lowry acid is a proton donor and a Brønsted-Lowry base is a proton acceptor.

	TRA–2.B.2 Only in aqueous solutions, water plays an important role in many acid-base reactions, as its 
                    molecular structure allows it to accept protons from and donate protons to dissolved species.

	TRA–2.B.3 When an acid or base ionizes in water, the conjugate acid-base pairs can be identified and their 
                    relative strengths compared.


The Arrhenius definitions of acids and bases are limited to aqueous reactions. A broader definition is the Brønsted-Lowry approach. According to Brønsted-Lowry, an acid is a substance that donates an H+ ion to another substance; a base is a substance that accepts an H+ ion.

Chemists use the term proton to refer to the aqueous hydrogen ion, H+. They also refer to the hydronium ion, H3O+ in the context of acids. All four of these terms, H+, hydrogen ion, H3O+, and hydronium ion, are used interchangeably. In water a proton interacts with the lone pairs on oxygen atoms of water molecules and becomes hydrated. So it is slightly more realistic to represent an aqueous proton as H3O+, which depicts the proton attached to a water molecule.

The Brønsted-Lowry approach can be applied to proton-transfer reactions that do not happen in an aqueous medium, such as the reaction of ammonia gas with hydrogen chloride gas.

[image: image109.png]



In this reaction the HCl molecule donates a proton to the ammonia molecule, making HCl a Brønsted-Lowry acid. The ammonia molecule accepts the proton, making it a Brønsted-Lowry base. In order for one substance to behave as an acid, another substance must behave as a base (and vice versa). A Brønsted-Lowry acid must have a proton to donate, and a Brønsted-Lowry base must have a lone pair of electrons in order to accept the proton. Some substances are capable of acting as an acid in one reaction and as a base in another. Such substances are called amphoteric. 

When an acid molecule ionizes in water, it donates its proton to a water molecule, producing a hydronium ion and an anion. The anion produced by the ionization is the conjugate base of that acid. (HX is used to denote a generic acid.)  HX (the acid) and X– (the conjugate base) differ only by a proton. They are a conjugate acid-base pair. Every acid has a conjugate base. By the same token, every base has a conjugate acid. (B is used to denote a generic base.)

Essential knowledge: 
SAP-9.A.1 The concentrations of hydronium ion and hydroxide ion are often reported as pH and pOH, 
                   respectively. 
EQUATION:
 pH =−log[H3O+] 





EQUATION:   pOH  =−log[OH−]
                   The terms “hydrogen ion” and “hydronium ion” and the symbols H+(aq) and H3O+(aq) are often 
                   used interchangeably for the aqueous ion of hydrogen. 

SAP-9.A.2 Water autoionizes with an equilibrium constant Kw. 





EQUATION:  K w= [H3O+][OH−] = 1.0 × 10−14 at 25°C
SAP-9.A.3 In pure water, pH = pOH is called a neutral solution. At 25°C, pKw= 14.0 and thus pH = pOH = 7.0. 




EQUATION: pKw = 14 = pH + pOH at 25°C

SAP-9.A.4 The value of Kw is temperature dependent, so the pH of pure, neutral water will deviate from 7.0 at 
                   temperatures other than 25°C.

Pure water has a very small tendency to ionize, acting both as an acid (donating a proton) and as a base (accepting a proton).

[image: image110.png]H,0(l)+H,0()
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At 25°C, the Kc for this process is 1.0 [image: image113.png]


10–14, which means that only about one molecule per billion undergoes this autoionization. The equilibrium expression for the autoionization of water is

[image: image114.png]&, =[H,0*|jon"]




(Recall that a liquid does not appear in the equilibrium expression.)

Because the autoionization of water is a very important equilibrium, its equilibrium constant is given a special subscript, w. For any aqueous solution at 25°C, the product of hydronium and hydroxide ion concentrations is equal to Kw. In neutral water, where the only source of either ion is the autoionization, the hydronium and hydroxide ion concentrations are equal.
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So the concentrations of both hydronium ion and hydroxide ion in neutral water is 1.0 [image: image117.png]


10–7 M.

The pH scale

The pH scale is often used to express the hydronium ion concentration in an aqueous solution. 

[image: image118.png]pH = —log|H'|




Using this formula, we can calculate the pH of pure water.

[image: image119.png]pH = —log[1.0x107|=7.00




An acidic solution is one in which the hydronium ion concentration is more than 1.0 [image: image120.png]


10–7 M and therefore has a pH less than 7.00. Conversely, a basic solution is one in which the hydronium ion concentration is less than 1.0 [image: image121.png]


10–7 M and therefore has a pH greater than 7.00.

We can also express the acidity of a solution in terms of pOH.

[image: image122.png]pOH = —log|OH" |




By taking the log of both sides of the equation
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we get

[image: image124.png]pH+pOH=14




Essential knowledge: 
SAP-9.B.1 Molecules of a strong acid (e.g., HCl, HBr, HI, HClO4, H2SO4, and HNO3) will completely ionize     
       in aqueous solution to produce hydronium ions. As such, the concentration of H3O+ in a strong acid  
       solution is equal to the initial concentration of the strong acid, and thus the pH of the strong acid 
   
       solution is easily calculated.








       SAP-9.B.2 When dissolved in solution, strong bases (e.g., group I and II hydroxides) completely dissociate to 
  
       produce hydroxide ions. As such, the concentration ofOH−in a strong base solution is equal to the 
  
       initial concentration of the strong base, and thus the pOH (and pH) of the strong base solution is 

       easily calculated.
One way that the pH of a solution can be measured is with pH paper, a paper strip impregnated with acid-base indicators that turns different colors depending on pH.

Strong acids are those that ionize completely in water. Strong acids are also strong electrolytes.  As a reminder, these are the strong acids: HCl, HBr, HI, HNO3, HClO3, HClO4, and H2SO4.

Strong bases are ionic compounds that dissociate completely in water. They include the hydroxides of group 1A metals and some of the group 2A metals.

Essential knowledge: 
SAP-9.C.1 Weak acids react with water to produce hydronium ions. However, molecules of a weak acid will 
 
       only partially ionize in this way. In other words, only a small percentage of the molecules of a weak 

       acid are ionized in a solution. Thus, the concentration of H3O+ is much less than the initial 

  
       concentration of the molecular acid, and the vast majority of the acid molecules remain un-
 
 
       ionized.











           SAP-9.C.2 A solution of a weak acid involves equilibrium between an un-ionized acid and its conjugate base. 
 
       The equilibrium constant for this reaction is Ka, often reported as pKa. The pH of a weak acid 

       solution can be determined from the initial acid concentration and the pKa. 






EQUATION:  
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EQUATION:  pKa=−log Ka
Weak Acids and Bases
A weak acid is one that ionizes partially in water to produce hydronium ion and a conjugate base. Acetic acid is a weak acid.
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The ionization equilibrium of a weak acid has an associated equilibrium constant called the acid-dissociation constant. The equilibrium constant for a weak acid ionization is subscripted with an a for acid. The equilibrium expression for the above equation is

[image: image129.png][H;0" ]|C,H,0," |
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Polyprotic acids are those that have more than one hydrogen that can be donated as a proton. Each proton on a polyatomic acid has a Ka value associated with it—except for the first proton on sulfuric acid, because it is strongly acidic. 

Determining the pH of a weak acid solution is very similar to solving the equilibrium problems.  You simply set up an equilibrium chart, then solve for [H+] or [H3O+].  Then you can use the pH equation to find the pH of the solution.  To determine the percent ionization of a weak acid, we divide the equilibrium concentration of H+ by the starting concentration of HA and multiply by 100.

Essential knowledge: 
SAP-9.C.3 Weak bases react with water to produce hydroxide ions in solution. However, ordinarily just a small  
       percentage of the molecules of a weak base in solution will ionize in this way. Thus, the 
  

       concentration of OH− in the solution does not equal the initial concentration of the base, and the 

       vast majority of the base molecules remain un-ionized.





     SAP-9.C.4 A solution of a weak base involves equilibrium between an un-ionized base and its conjugate acid. 

       The equilibrium constant for this reaction is Kb, often reported as pKb. The pH of a weak base 

       solution can be determined from the initial base concentration and the pKb. 





EQUATION:  
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EQUATION:  pKb=−log Kb 

A weak base is one that ionizes partially in water to produce hydroxide ion and a conjugate acid. Ammonia is an example of a group of weakly basic compounds called amines. An amine contains a nitrogen atom with a lone pair of electrons. The site of the lone pair is where a proton can be accepted. In general,
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Being an equilibrium, the ionization of a weak base has an equilibrium constant called the base-dissociation constant associated with it. The equilibrium constant for a weak base ionization has the subscript b for base. The equilibrium expression for the above equation is

[image: image134.png]



Determining the pH of a weak base solution is very similar to solving the equilibrium problems encountered previously.  This time, however, you would find the concentration of  OH- and then find the pOH.  From there, you can determine pH.  When we add two equilibria, we multiply their K values to get the K corresponding to the composite equilibrium. For any conjugate pair
[image: image135.png]K,xK, =K,




Here is a helpful hint when trying to solve for an unknown concentration in an acid or base equilibrium problem.   Once you have set up your equilibrium expression (K), you often wind up with an expression that would require the quadratic equation in order to solve for x.  However this is often unnecessary because x is so small that is can usually be ignored in the denominator.  For example:

The equilibrium table for the dissociation of 0.20 M of HCN is:
HCN    [image: image136.png]


            H+
     +     CN-
	PRIVATE
Initial 
	   0.20 M 
	   0 M
	    0 M 

	Change 
	 x M 
	+ x M
	+ x M

	Equilibrium 
	   0.20 - x  M
	 x M
	 x M


To solve for x, we plug the equilibrium concentrations in the equilibrium expression. Ka is known.

Ka = [H+] [CN-]   =  4.9 x 10-10

     [HCN]

Ka =     [x] [x]   =  4.9 x 10-10

     [0.20 - x]

Because Ka is so small, we can reasonably assume that x will be very small compared to 0.20. This allows us to neglect x on the bottom of the expression, and we do not need to use the quadratic equation.

Ka =     [x]2   =  4.9 x 10-10

       [0.20]

Solving for x gives 9.9 x 10-6.  We can now calculate the pH.

pH   =   - log [H+]  =  - log (9.9 x 10-6)  =  5.00

We can also calculate the % ionization of this acid.  Since only 9.9 x 10-6 M of H+ dissociated,  the % ionization would be calculated by taking that concentration, divided by the concentration of the original acid time 100.

[9.9 x 10-6]  / [0.20]  x 100 = 0.0050% ionized

Essential knowledge: 
SAP-9.C.5 The percent ionization of a weak acid (or base) can be calculated from its pKa or pKb (and the initial 
  
       concentration of the acid (base).
We have seen that a conjugate acid or a conjugate base can react with water to produce either hydronium ion or hydroxide ion. This behavior is called hydrolysis. The conjugate acids and bases that we have encountered are ions. As such, they can be added to a solution in the form of a salt. For example, acetate ion is the conjugate base of acetic acid. We can add acetate ion to a solution by adding sodium acetate. 

[image: image137.png]NaC,H,0,(s) —%2 Na*(ag) + C,H,0, (ag)




Recall that soluble ionic salts are strong electrolytes. Because of acetate's tendency to hydrolyze water, a solution of sodium acetate is basic.

[image: image138.png]C,H,0, (ag) + H,0(})
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The acetate ion contributes (by hydrolysis of water) to the OH- concentration. The sodium ion does not react with water. It is the conjugate acid of a strong base, sodium hydroxide, and is therefore a weak conjugate acid. Remember: weak conjugates do not react with water.

[image: image141.png]Na* (ag) + H,O(/) —> no reaction




Essential knowledge: 
The acidity or basicity (alkalinity)  of a salt depends on the salt's constituent ion. We can think of all salts as the products of acid-base neutralization reactions. For example, hydrochloric acid and sodium hydroxide react to form water and sodium chloride. HCl is a strong acid; therefore its conjugate, chloride ion, is weak. Sodium hydroxide is a strong base; therefore its conjugate, sodium ion, is weak. When both of the ions of the salt are weak conjugates, the solution is neutral. A solution of sodium chloride has a pH of 7.

The pH of a salt solution can be predicted qualitatively by considering the ionic constituents of the salt.

1. Salts derived from a strong base and a strong acid: Examples are NaCl and Ca(NO3)2, which are derived from NaOH and HCl and from Ca(OH)2 and HNO3, respectively. Neither cation nor anion hydrolyzes. The solution has a pH of 7. 

2. Salts derived from a strong base and a weak acid: In this case the anion is a relatively strong conjugate base. Examples are NaClO and Ba(C2H3O2)2. The anion hydrolyzes to produce OH–(aq) ions. The cation does not hydrolyze. The solution has a pH above 7. 

3. Salts derived from a weak base and strong acid: In this case the cation is a relatively strong conjugate acid. Examples are NH4Cl and Al(NO3)3. The cation hydrolyzes to produce H+(aq) ions. The anion does not hydrolyze. The solution has a pH below 7. 

4. Salts derived from a weak base and a weak acid: Examples are NH4C2H3O2, NH4CN, and FeCO3. Both cation and anion hydrolyze. The pH of the solution depends on the extent to which each ion hydrolyzes. The pH of a solution of NH4CN is greater than 7 because CN– (Kb = 2.0 [image: image142.png]


10–5) is more basic than NH4+ (Ka = 5.6 [image: image143.png]


10–10) is acidic. Consequently, CN– hydrolyzes to a greater extent than NH4+ does. 

In binary acids, such as the hydrogen halides, the strength of the acid is determined by the strength of the H–X bond. For a series such as the hydrogen halides, the strength of the H–X bond decreases as the size of X increases. In terms of acidic strength,             HF < HCl < HBr < HI

As we move from left to right across a row in the periodic table, there is less change in bond strength. In this case, what determines acid strength is the polarity of the H- X bond. The electronegativity of elements increases from left to right across a period in the periodic table. As the electronegativity of X increases, the polarity of the H- X bond increases, increasing acidity. Acidity of the second row hydrides varies as  CH4 < NH3 < H2O < HF

Many bases contain the OH- ion, but O–H groups are found in acids as well. Whether an OH compound is a base or an acid depends on whether the OH groups are combined with a metal or a nonmetal. For instance, sodium is a metal; NaOH is a base. Chlorine is a nonmetal; HClO is an acid. Acids that contain one or more O–H bonds are called oxyacids.

The strength of an oxyacid depends on the electronegativity of the central nonmetal to which the OH groups are bound and on the number of oxygen atoms bound to the central nonmetal atom. For a series of oxyacids with the same number of oxygen atoms, the acidity increases with the electronegativity of the nonmetal. 

Lewis Acids and Bases

LEWIS ACIDS AND BASES WILL NOT BE ASSESSED ON THE AP EXAM.

A Lewis acid is defined as an electron-pair acceptor, and a Lewis base as an electron-pair donor. In the examples we have seen of Arrhenius and Brønsted-Lowry acid-base behavior, the bases are all acting as Lewis bases. In the ionization of an acid in water, the water molecule donates electrons (a lone pair on the oxygen atom) to the hydrogen atom of the acid. As a bond forms between the oxygen atom on water and the acidic proton, the bond between the acidic proton and its original molecule is broken. 

[image: image144.png]HCl(g) + H,0()) - H,0"(ag) + Cl (ag)




A similar description can be given for the gas-phase reaction between ammonia and hydrogen chloride. The ammonia molecule donates the lone pair of electrons on nitrogen to the hydrogen atom on hydrogen chloride. 

[image: image145.png]+





The Lewis definition of an acid does not require that an acid have a proton to donate, only that it be able to accept a pair of electrons from a Lewis base. 

[image: image146.png]



Buffers
Essential knowledge: 
	SAP–10.B.1 A buffer solution contains a large concentration of both members in a conjugate acid-base pair. 
                     The conjugate acid reacts with added base and the conjugate base reacts with added acid. 
                     These reactions are responsible for the ability of a buffer to stabilize pH.

	SAP–10.C.1 The pH of the buffer is related to the pKa of the acid and the concentration ratio of the conjugate 
                      acid–base pair. This relation is a consequence of the equilibrium expression associated with the 
                      dissociation of a weak acid, and is described by the Henderson–Hasselbalch equation. Adding 
                      small amounts of acid or base to a buffered solution does not significantly change the ratio of 
                      [A–]/[HA] and thus does not significantly change the solution pH The change in pH on addition of 
                      acid or base to a buffered solution is  much less than it would have been in the absence of the buffer.

                                                    EQUATION:  
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	SAP–10.D.1 Increasing the concentration of the buffer components (while keeping the ratio of these 
                      concentrations constant) keeps the pH of the buffer the same but increases the capacity of the
                      buffer to neutralize added acid or base.

	SAP–10.D.2 When a buffer has more conjugate acid than base, it has a greater buffer capacity for addition of 
                      added base than acid. When a buffer has more conjugate base than acid, it has a greater buffer 
                      capacity for addition of added acid than base.


A solution that contains a weak acid and its conjugate base or one that contains a weak base and its conjugate acid is called a buffer, or a buffered solution. Buffers resist drastic changes in pH.

A buffer generally is prepared by mixing a weak acid and a salt of that acid (or a weak base and a salt of the base) in an aqueous solution. For example, hydrofluoric acid and sodium fluoride can be used to prepare a buffer. HF is a weak acid, and F– is its conjugate base. To understand how a buffer resists drastic pH change, consider the equilibrium between HF and its conjugate base.

[image: image148.png]HF(aq)
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When acid is added to a solution containing both HF and F–, the acid reacts with the F– ion to produce HF. 

[image: image151.png]H*(aq) +F (ag) — HF (aq)




The concentration of fluoride ion decreases, and the concentration of hydrofluoric acid increases. The pH decreases slightly, but as long as the amount of acid added is small compared to the amount of fluoride ion available to react with it, the pH change is very small.

A base added to the solution reacts with the HF to produce more F– ion. (This can also be thought of in terms of the added base reacting with the H+ to produce water, drawing the equilibrium to the right via consumption of a product.)

[image: image152.png]OH(ag) + HF (ag) — H,00) + F (ag)




In this case the concentration of fluoride ion increases and the concentration of hydrofluoric acid decreases. The pH increases slightly, but, again, as long as the amount of base added is small compared to the amount of hydrofluoric acid in solution, the pH change is small.

The pH of a buffer can be calculated using the Henderson-Hasselbalch equation:

pH = pKa  +  log [A-]
                           [HA]

where 
pKa is the – log of Ka 

[A-] is the concentration of the anion of the salt part of the buffer

and [HA] is the concentration of the weak acid

The pOH of a basic buffer can be calculated using another version of the Henderson-Hasselbalch equation:

pOH = pKb  +  log [HB+]
                            [B]

where 
pKb is the – log of Kb 

[HB+] is the concentration of the cation of the salt part of the buffer

and [B] is the concentration of the weak base

Acid-Base Titration

Essential Knowledge:

SPQ–4.B.1 Titrations may be used to determine the concentration of an analyte in solution. The titrant has a  

                    known concentration of a species that reacts specifically and quantitatively with the analyte. The  

                    equivalence point of the titration occurs when the analyte is totally consumed by the reacting 
                    species in the titrant. The equivalence point is often indicated by a change in a property (such as 
                    color) that occurs when the equivalence point is reached. This observable event is called the 
                    endpoint of the titration.
Acid-base titration is the careful, quantitative combination of acid and base to achieve neutralization. Typically, a known concentration of base, called the titrant, is added from a buret to an acid solution of unknown concentration. The equivalence point of a titration is the point at which stoichiometric amounts of base and acid have been combined. An indicator is generally used to estimate the equivalence point. An indicator is a compound that exhibits a pH-dependent color change. The point at which the indicator changes color is called the end point. Indicators are chosen such that the color change occurs in the pH range of the equivalence point.

The formula for a titration is:

NA x VA  =  NB x VB

Remember that N stands for Normality, which is the ratio of equivalents of solute to liters of solution.  It is similar to Molarity, except in cases where three are more than one equivalents of H+ or OH-.  For example,        a 1 M solution of H2SO4 will have 2 equivalents of H+ ions.  Therefore, a 1 M solution of H2SO4 would be considered a 2 N solution.  Another way to look at it is like this:

Normality   =   (Molarity)   x   (# of equivalents or ions)
The titration of a strong acid with a strong base produces a titration curve (pH plotted versus amount of titrant added) with a long vertical region in which the pH changes rapidly over a minuscule volume range. This long vertical region makes it possible to use a wide variety of acid–base indicators for strong acid - strong base and weak acid - strong base  titrations.

[image: image153.jpg]pH

Titration of Strong Acid

Equivalence
point pH, 7.00

0 5 10 15 20 25 30 35 40 45 50

Volume of 0.100 M NaOH added (mL)
@

pH

Titration of Weak Acid

Equivalence
point pH, 8.72

0 5 10 15 20 25 30 35 40 45 50

Volume of 0.100 M NaOH added (mL)
(b)




1. The initial pH: The pH of the solution before the addition of any base is determined by the initial concentration of the strong acid. For a solution of 0.100 M HCl, [H+] = 0.100 M, and hence 

pH = –log(0.100) = 1.000. Thus, the initial pH is low.

2. Between the initial pH and the equivalence point: As NaOH is added, the pH increases slowly at first and then rapidly in the vicinity of the equivalence point. The pH of the solution before the equivalence point is determined by the concentration of the acid that has not yet been neutralized by base.

3. The equivalence point: At the equivalence point, equal numbers of moles of the NaOH and HCl have reacted, leaving only a solution of their salt, NaCl. No calculation is required to deduce that the pH is 7.00, because the cation of a strong base (in this case Na+) and the anion of the strong acid (in this case Cl–) do not hydrolyze and therefore have no appreciable effect on pH.

4. After the equivalence point: The pH of the solution after the equivalence point is determined by the concentration of the excess NaOH in the solution.

	Essential knowledge:

	SAP–9.D.2 When a weak acid and a strong base are mixed, they react quantitatively in a reaction represented by 
                    the equation:   HA(aq) + OH−(aq) → A–(aq) + H2O(l)
                    If the weak acid is in excess, then a buffer solution is formed, and the pH can be determined from the 
                    Henderson–Hasselbalch (H−H) equation (see SAP–10.C.1). If the strong base is in excess, then the  

                    pH can be determined from the moles of excess hydroxide ion and the total volume of solution. 
                    If they are equimolar, then the pH can be determined from the equilibrium represented by the equation:

                    A–(aq) + H2O(l) ⇄ HA(aq) + OH−(aq)



	SAP–9.D.3 When a weak base and a strong acid are mixed, they will react quantitatively in a reaction represented 
                    by the equation:  B(aq) + H3O+(aq) → HB+(aq) + H2O(l)
                    If the weak base is in excess, then a buffer solution is formed, and the pH can be determined from the 
                    H−H equation. If the strong acid is in excess, then the pH can be determined from the moles of excess 
                    hydronium ion and the total volume of solution. If they are equimolar, then the pH can be determined 
                    from the equilibrium represented by the equation:   HB+(aq) + H2O(l) ⇄ B(aq) + H3O+(aq)



	SAP–9.D.4 When a weak acid and a weak base are mixed, they will react to an equilibrium state whose reaction 
                    may be represented by the equation:  HA(aq) + B(aq) ⇄ A–(aq) + HB+(aq)


	SAP–9.E.1 An acid-base reaction can be carried out under controlled conditions in a titration. A titration curve, 
                    plotting pH against the volume of titrant added, is useful for summarizing results from a titration.

	SAP–9.E.2 At the equivalence point, the number of moles of titrant added is equal to the number of moles of 
                   analyte originally present. This relationship can be used to obtain the concentration of the analyte. 
                   This is the case for titrations of strong acids/bases and weak acids/bases.

	SAP–9.E.3 For titrations of weak acids/bases, it is useful to consider the point halfway to the equivalence point.

                   At this point, there are equal concentrations of each species in the conjugate acid-base pair. 
                   For example, for a weak acid [HA] = [A−]. Because pH = pKa when the  conjugate acid and base have 
                   equal concentrations, the pKa can be determined from the pH at the half–equivalence point in a titration.

	SAP–9.E.4 For polyprotic acids, titration curves can be used to determine the number of acidic protons. In doing so, 
                   the major species present at any point along the curve can be identified, along with the pKa associated 
                   with each proton in a weak polyprotic acid.

	SAP–10.A.1 The protonation state of an acid or base (i.e., the relative concentrations of HA and A–) can be 
                      predicted by comparing the pH of a solution to the pKa of the acid in that solution. When solution 
                      pH < acid pKa, the acid form has a higher concentration than the base form. 
                     When solution pH > acid pKa, the base form has a higher concentration than the acid form.

	SAP–10.A.2 Acid-base indicators are substances that exhibit different properties (such as color) in their 
                      protonated versus deprotonated state, making that property respond to the pH of a solution.


Titration of a Weak Acid with a Strong Base

Suppose you were to titrate 50.0 mL of a 0.100 M CH3COOH solution with 0.100 M NaOH.  How would you determine the pH at different points in the titration?  (Ka = 1.80 x 10-5)

EXAMPLE 1 – Before adding base

Before titration, the 0.100 M acetic acid (CH3COOH) is at equilibrium according to the following reaction:

CH3COOH (aq)    ( (  CH3COO- (aq)   +   H+ (aq)

Initial

  0.100 M


0 M

 0 M

Change
    -  x



+ x    

 + x

Equilibrium
  (0.100 – x) 


   x

    x

   Ka   =   [CH3COO-] [H+]   =      [x] [x]      =  1.80 x 10-5  (Note x is very small compared to 0.100)

       [CH3COOH]
[0.100 – x]

Therefore… Ka   =       [x]2      =  1.80 x 10-5  
and   x   =   1.34 x 10-3
       
         [0.100]

Since x   =  [H+]    =  1.34 x 10-3 M 
and 
pH   =  - log [H+]    

	pH = 2.87


EXAMPLE 2 – Adding a small amount of strong base to the weak acid

10.0 mL of 0.100 M NaOH is added to 50.0 mL of a 0.100 M CH3COOH.

First we write the equation for this reaction.  Note that the spectator ions have been cancelled out.  Then we calculate how many moles of base were added to how many moles of acid using the following Molarity formula:  moles = Molarity x Liters.  

10.0 ml of 0.100 M NaOH = 1.00 x 10-3 moles and 50.0 ml of 0.100 M M CH3COOH = 5.00 x 10-3 moles   

Since we have more acid than base, all of the base will be used up as the limiting reactant.  (See below)

 OH-(aq)  
+         CH3COOH (aq)    ( (  CH3COO- (aq)   +   H2O (l)

Initial

   1.00 x 10-3 moles
        5.00 x 10-3 moles   
0 moles



Change
- 1.00 x 10-3 moles
      -1.00 x 10-3 moles
         +1.00 x 10-3 moles    



Equilibrium
  
0 moles
        4.00 x 10-3 moles

1.00 x 10-3 moles

    

Now we change moles back into Molarity by dividing by the Total Liters of solution: 60.0 mL = 0.0600 L

OH-(aq)  
+         CH3COOH (aq)    ( (  CH3COO- (aq)   +   H2O (l)

at Equilibrium        0 M

        0.0667 M


0.0167 M

    

Ka   =   [CH3COO-] [H+]   =      [.0167 M]] [x]      =  1.80 x 10-5  
       [CH3COOH]
  [.0667 M]



x   =  [H+]    =  7.19 x 10-5 M  
	pH = 4.14


EXAMPLE 3 – Adding enough base to reach ½ way the equivalence point

25.0 mL of 0.100 M NaOH is added to 50.0 mL of a 0.100 M CH3COOH

This is the easiest problem because even though you can set up and solve this problem just as you would the problem in EXAMPLE 2; you will find that when you add enough base to reach ½ way to the equivalence point… 

pH = pKa
You can solve this problem the long way, but since we have this nice easy formula…

	pH = 4.74


pH = pKa = - log 1.80 x 10-5     therefore 

EXAMPLE 4 – Adding enough base to reach the equivalence point

50.0 mL of 0.100 M NaOH is added to 50.0 mL of a 0.100 M CH3COOH

This is the most difficult problem to solve.  First we write the equation for this reaction judt like we did in EXAMPLE 1.  Then we calculate how many moles of base were added to how many moles of acid using the following Molarity formula:  moles = Molarity x Liters.  

50.0 ml of 0.100 M NaOH = 5.00 x 10-3 moles and 50.0 ml of 0.100 M M CH3COOH = 5.00 x 10-3 moles.  

At this point, all of the OH- ions and all of the acetic acid has been used up:

OH-(aq)  
+         CH3COOH (aq)    ( (  CH3COO- (aq)   +   H2O (l)

Initial

   5.00 x 10-3 moles
        5.00 x 10-3 moles   
0 moles



Change
- 5.00 x 10-3 moles
      -5.00 x 10-3 moles
         +5.00 x 10-3 moles    



Equilibrium
  
0 moles
        0 moles


5.00 x 10-3 moles

    

Now we change moles back into Molarity by dividing by the Total Liters of solution: 100.0 mL = 0.100 L

OH-(aq)  
+         CH3COOH (aq)    ( (  CH3COO- (aq)   +   H2O (l)

at Equilibrium        0 M

        0 M


0.0500 M

    

At this point, all we have is CH3COO- ion.  However, the reaction with water will force the reaction to shift slightly backward in order to create an equilibrium.  We can then solve for this new equilibrium reaction:

CH3COO-(aq)  
       +     H2O (l)    ( (   CH3COOH (aq)    +   OH-(aq)  
Initial

   
0.0500 M
        

    

0 M

   0 M



Change

- x
      




+ x

   + x



Equilibrium
  
(0.0500 – x) 




   x

      x


We know that  Kw = Ka  x  Kb,  therefore we can solve for Kb = 5.56 x 10-10
Setting up a new equilibrium, we get

Kb   =   [CH3COOH] [OH-]   =      [x] [x]      =  5.56 x 10-10 (Note x is very small compared to 0.0500)

       [CH3COO-]
[0.0500 – x]

Therefore… Kb   =        [x]2    =  5.56 x 10-10
and   x   =  [OH-] =  5.27 x 10-6
       
         [0.0500]

	pH = 8.72


pOH   =  - log [OH-]    =    5.27   and since  pH  +  pOH  =  14.  


EXAMPLE 5 – Adding more base to go beyond the equivalence point

60.0 mL of 0.100 M NaOH is added to 50.0 mL of a 0.100 M CH3COOH

At this point there is so much base that the equilibrium reaction is irrelevant.  There is a significant amount of strong base and all of the acid has been titrated.  The only thing left to do is to calculate how much base is left over and then figure out the pH.

We calculate how many moles of base were added to how many moles of acid using the following Molarity formula:  moles = Molarity x Liters.  

60.0 ml of 0.100 M NaOH = 6.00 x 10-3 moles and 50.0 ml of 0.100 M M CH3COOH = 5.00 x 10-3 moles.  

At this point, all of the CH3COOH  has been used up:

OH-(aq)  
+         CH3COOH (aq)    ( (  CH3COO- (aq)   +   H2O (l)

Initial

   6.00 x 10-3 moles
        5.00 x 10-3 moles   
0 moles



Change
- 5.00 x 10-3 moles
      -5.00 x 10-3 moles
         +5.00 x 10-3 moles    



Equilibrium
  1.00 x 10-3 moles
        0 moles


5.00 x 10-3 moles

    

Now we change moles back into Molarity by dividing by the Total Liters of solution: 110.0 mL = 0.110 L

As was said before, the equilibrium is irrelevant now because we have excess base (OH-).  So we calculate the concentration of the OH- :

1.00 x 10-3 moles      =     9.09 x10-3 M  OH-
 
   0.110 L      

	pH = 11.90


pOH   =  - log [OH-]    =    2.04       and since  pH  +  pOH  =  14.  


Ksp – Solubility Product Constant

By definition, a saturated solution of a salt is in equilibrium with the undissolved solid. The equilibrium for the dissolution of calcium carbonate in water is represented by the equation

[image: image154.png]CaCO,4(s)
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The Kc for this equilibrium is given a special subscript to denote that the process in question is the dissolving of a salt. The subscript sp stands for solubility product.

[image: image157.png]&, =[Ca™]|coi ]




The procedure for writing the equilibrium expression for such processes is the same for writing equilibrium expressions for any other equilibria. The Ksp for the dissolution of calcium carbonate is 2.8 [image: image158.png]


10–9. The very small magnitude of the equilibrium constant (also called the solubility product constant) tells us the same thing that small K values have told us for the last three chapters: The equilibrium lies far to the left. Undissolved solid is favored over aqueous ions. This corresponds to calcium carbonate's having a very low solubility.

Essential knowledge:
	SPQ–5.A.1 The dissolution of a salt is a reversible process whose extent can be described by 
                    Ksp, the solubility-product constant.

	SPQ–5.A.2 The solubility of a substance can be calculated from the Ksp for the dissolution process. 
                   This relationship can also be used to predict the relative solubility of different substances.

	SPQ–5.A.3 The solubility rules (see TRA–2.A.5) can be quantitatively related to Ksp, in which Ksp values >1 
                    correspond to soluble salts.

	SPQ–5.B.1 The solubility of a salt is reduced when it is dissolved into a solution that already contains one of the 
                    ions present in the salt. The impact of this “common-ion effect” on solubility can be understood 
                    qualitatively using Le Châtelier’s principle or calculated from the Ksp for the dissolution process.

	SPQ–5.C.1 The solubility of a salt is pH sensitive when one of the constituent ions is a weak acid or base. 
                    These effects can be understood qualitatively using Le Châtelier’s principle.


The solubility of a salt can be determined from its solubility product constant. When solid barium sulfate dissolves in water, the undissolved solid is in equilibrium with aqueous barium ions and aqueous sulfate ions. 

For barium sulfate the Ksp expression is

[image: image159.png]£, =[Ba™[50,"]




The concentrations of barium ions and sulfate ions are equal if the dissolution of barium sulfate is the only source of the ions, and therefore,

[image: image160.png]J&, =[Ba*]=[s0,"]
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The value of Ksp for BaSO4 at 25° is 1.1 [image: image162.png]


10–10.

[image: image163.png]JT1x1077 =105 10 =[Ba® ]-[50,* |




The concentration of the salt at equilibrium is its molar solubility. Thus, the aqueous solubility of barium sulfate at 25° C is 1.05 [image: image164.png]


10–5 M.

Molar Solubility
Here is a practice problem to determine the molar solubility of BaF2. (Ksp = 1.0 [image: image165.png]


10–6) 

When barium fluoride dissolves, it does so via the equation

[image: image166.png]BaF, (s)
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For every mole of barium fluoride that dissolves, one mole of barium ions and two moles of fluoride ions are produced. We call the unknown concentration of Ba+2 ions,  x,  and the unknown concentration of F- ions, 2x. 

[image: image169.png]£, =10x10% =[Ba* J[F- ] =(x)2m)? =4x>




[image: image170.png]



[image: image171.png]x=0.0063




The concentration of barium ion is 0.0063 M, and the concentration of fluoride ions is 0.013 M. The solubility of barium fluoride is 0.0063 M, the same as the barium ion concentration, as they have the same coefficient in the balanced equation.  The solubility of a substance can be affected by the presence of other solutes. For instance, based upon the common-ion effect, we would expect gold(I) chloride to be less soluble in a 0.10 M solution of sodium chloride than in pure water. The presence of more chloride (the common ion) would drive the equilibrium to the left, corresponding to the dissolution of less AuCl solid.

[image: image172.png]AuCl(s)
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Regardless of the source of chloride ion, the product of the gold(I) ion concentration and the chloride ion concentration must equal the Ksp. 

	Determine the solubility of gold(I) chloride in pure water.

[image: image175.png]K, =20x107" =[a* Ja ]



    [image: image176.png]J20x10% =[a* |-
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Next, determine the solubility of gold(I) chloride in 0.10 M sodium chloride. In this case the concentrations of gold(I) ion and chloride ion are not equal to each other because there is an independent source of chloride ion (sodium chloride). 

[image: image177.png]20x 1077 =[au* A~ ]=(x)010+x)




Because of the magnitude of Ksp, we can assume that x will be insignificant compared to 0.10 M. Solving for x then, we get x = 2 [image: image178.png]


10–12. The solubility of gold(I) chloride in 0.10 M sodium chloride is

[image: image179.png]20x 1072 M




Gold(I) chloride is significantly less soluble in 0.10 M sodium chloride than it is in pure water. This is what we expected.


 

Because some ionic solids produce hydroxide ion on dissociation, pH can also affect solubility. As seen in the following example, tin(II) hydroxide, is less soluble in a basic solution than in an acidic one. 

	The solubility of tin(II) hydroxide in water at 25° C is 3.3 [image: image180.png]


10–10 M (Ksp = 1.4 [image: image181.png]


10–28). What is the solubility of tin(II) hydroxide in a solution with a pH of 10?

Determine [OH–] from the pH.

[image: image182.png]


     [image: image183.png]10 “POE =
=10x107* M




The equation of interest is

[image: image184.png]Sn(OH) 5 (s)
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Use the calculated [OH–] in the Ksp expression.

[image: image187.png]* _(x)10x107 +2x)?




Because Ksp is so small, we can assume that x (and 2x) would be very small compared to 1.0 [image: image188.png]


10–4. The above expression then simplifies to

[image: image189.png]14%10
0 x)(10x107* )2





and solving for x we get

[image: image190.png]x=14x107%




The solubility of tin(II) hydroxide in a solution of pH 10 is 1.4 [image: image191.png]


10–20 M.


Salts that contain basic anions are also made less soluble by an increased concentration of hydroxide ion. Fluoride salts, for example, produce the fluoride ion in solution. 

[image: image192.png]CaF, (s)
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Fluoride is a strong conjugate base and will itself contribute to the hydroxide ion concentration. 

[image: image195.png]F(ag) + H,0()
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Any additional hydroxide will drive the second equilibrium to the left, increasing the fluoride ion concentration and driving the original equilibrium (the dissolution of CaF2) to the left.

Conditions of low pH will enhance the solubility of a salt that produces hydroxide.

Acids, Bases, Buffers and Ksp– Problem Set 

1.  The acid HX has an ionization constant of 1 x 10-4.  A solution is made that is 0.1 M in HX and 1 M in the 

salt NaX.  What is the approximate H+ ion concentration? 

a)  1 x 10-3 M


b) 2 x 10-3 M

c)  1 x 10-5 M

d)  1 x 10-8 M


2.  How many moles of pure NaOH must be used to prepare 10.0 L of a solution that has a pH of 13.00?

a) 1.0 mole


b) 0.10 moles

c)  0.011 moles
d)  0.0010 moles

3.  Consider the reaction CH3NH2 (aq)  +   H2O (l) (( CH3NH3+ (aq)   +   OH-(aq) where Kb = 4.4 x 10-4.  

To a solution formed from the addition of 2.0 moles of CH3NH2 to 1.0 L of water is added 1.0 mole 

of KOH.  (assume no volume change).  What is the concentration of CH3NH3+ at equilibrium?

a) 3.2 x 10-2 M


b) 2.2 x 10-4 M
c) 2.0 x 10-3 M

d) 8.8 x 10-4 M

4.  A 2.0 M solution of a weak acid, HZ, has a pH of 3.0.  What is the Ka of this acid?

a)  0.60


b) 1.0 x 10-3  

c) 2.0 x 10-4 

d)  5.0 x 10-7 


5.  Which statement is a correct conclusion based on the fact that a 0.10 M solution of KC2H3O2 is less 

basic than a 0.10 M solution of KCN?

a) HCN is a weaker acid than acetic acid




b) HCN is less soluble in water than acetic acid



c) Cyanides are less soluble than acetates


d) Acetic acid is a weaker acid than HCN


6.  Which of the following would not make a good buffering system? 

a) SO42- and H2SO4


b) HCO3- and H2CO3



c) NH3 and NH4+


d) CH3COO- and CH3COOH

7.  A buffer solution is made by adding 0.500 moles of sodium acetate and 0.500 moles of acetic acid to 

1.00 L of water.  What is the pH of this solution at equilibrium? (Ka = 1.80 x 10-5)

a) 5.05



b) 4.74  

c) 4.44 


d)  2.38 


8.  How many grams of  NaCH3COO (MW = 82.0 g/mol) should be added to 500.0 mL of a 

0.200 M acetic acid solution (Ka = 1.80 x 10-5) in order to make a buffer with a pH of 5.00?

a) 69.0 grams


b) 0.180 grams
c) 14.8 grams
 
d)  29.5 grams



9.  What volumes of 0.500 M HNO2 (Ka = 4.00 x 10-4) and 0.500 M NaNO2 must be mixed to make a 

1.00 L buffer solution with a pH of 3.55? 

a) 500. mL of each solution




b) 703 mL of 0.500 M HNO2 and 297 mL of 0.500 M NaNO2
c)  413 mL of 0.500 M HNO2 and 587 mL of 0.500 M NaNO2
 


d)  297 mL of 0.500 M HNO2 and 703 mL of 0.500 M NaNO2


e)  587 mL of 0.500 M HNO2 and 413 mL of 0.500 M NaNO2


10.  How many milliliters of a 0.20 M AlCl3 solution would be necessary to precipitate all of the Ag+ ions from 

45 mL of a 0.20 M AgNO3 solution?

a) 15 mL



b) 30. mL  

c) 45 mL 

d)  60. mL 


11.  The solubility product constant of CaF2 is 4.3 x 10-11.  What is the molar solubility of CaF2 in a 

0.050 M solution of Ca(NO3)2? 

a) 2.2 x 10-4 M


b) 1.0 x 10-5 M
c) 1.5 x 10-5 M

d) 8.4 x 10-10 M


12.  Silver oxalate, Ag2(C2O4), is dissolved in pure water.  The concentration of Ag+ ions is a saturated solution 

is 2.2 x 10-4 M.  What is the Ksp of Ag2(C2O4)?

a) 5.3 x 10-12 



b) 1.1 x 10-12 

c) 5.0 x 10-8 

d) 2.4 x 10-8 


13.  If 25 mL of 0.20 M NaOH is added to 50. mL of 0.10 M acetic acid (Ka = 1.80 x 10-5), what is the pH? 

14.  Calculate the pH of dissolving 10.5 g of NaF in 500 mL of water. (Ka of HF = 7.00 x 10-4)

15.  Stomach acid is approximately 0.0200 M HCl.  What volume of this acid is neutralized by an antacid tablet 

that has a mass of 330. mg and contains 41.0 % by mass  Mg(OH)2?

16.  Calculate the [H+] of a solution prepared by diluting 100.0 mL of a 0.200 M Ba(OH)2 solution with enough 

water to make 500.0 mL of solution.

17.  Determine the percent dissociation of a 2.25 M weak base solution with a pH of 11.8. 

18.  A sample of 20.0 mL of 0.100 M HCN (Ka = 6.2 x 10-10) is titrated with 0.150 M NaOH.


a)  What volume of NaOH is used in this titration to reach the equivalence point?


b)  What is the molar concentration of CN- at the equivalence point?

c)  What is the pH of the solution at the equivalence point?

d)  What is pH of this solution when only 6.667 mL of the 0.150 M NaOH.is added to 20.0 mL of the 

0.100 M HCN

Unit 10 – Thermochemistry

Learning Objectives
	ENE-2.A Explain the relationship between experimental observations and energy changes associated with a 
                 chemical or physical transformation. 
ENE-2.B Represent a chemical or physical transformation with an energy diagram. 
ENE-2.C Explain the relationship between the transfer of thermal energy and molecular collisions. 
ENE-2.D Calculate the heat q absorbed or released by a system undergoing heating/cooling based on the 
                amount of the substance, the heat capacity, and the change in temperature. 
ENE-2.E Explain changes in the heat q absorbed or released by a system undergoing a phase transition 
                based on the amount of the substance in moles and the molar enthalpy of the phase transition. ENE-2.F Calculate the heat q absorbed or released by a system undergoing a chemical reaction in 
                relationship to the amount of the reacting substance in moles and the molar enthalpy of reaction. 
ENE-3.A Calculate the enthalpy change of a reaction based on the average bond energies of bonds broken 
                and formed in the reaction. 
ENE-3.B Calculate the enthalpy change for a chemical or physical process based on the standard enthalpies 
                of formation. 
ENE-3.C Represent a chemical or physical process as a sequence of steps. 
ENE-3.D Explain the relationship between the enthalpy of a chemical or physical process and the sum of the 
                enthalpies of the individual steps.



Essential knowledge: 
ENE-2.D.2 The first law of thermodynamics states that energy is conserved in chemical and physical processes.
Although kinetic energy can be converted to potential energy, and vice versa, the total amount of energy possessed by the system and surroundings remains constant. This is the first law of thermodynamics. 

Essential knowledge: 
	ENE-2.A.1 Temperature changes in a system indicate energy changes. 
ENE-2.A.2 Energy changes in a system can be described as endothermic and exothermic processes such as the 
                    heating or cooling of a substance, phase changes, or chemical transformations. 
ENE-2.A.3 When a chemical reaction occurs, the energy of the system either decreases (exothermic reaction), 
                    increases (endothermic reaction), or remains the same. For exothermic reactions, the energy lost 
                    by the reacting species (system) is gained by the surroundings, as heat transfer from or work done 
                    by the system. Likewise, for endothermic reactions, the system gains energy from the  

                    surroundings by heat transfer to or work done on the system. 
ENE-2.A.4 The formation of a solution may be an exothermic or endothermic process, depending on the 
                    relative strengths of intermolecular/interparticle forces before and after the dissolution process. 
ENE-2.B.1 A physical or chemical process can be described with an energy diagram that shows the 
                   endothermic or exothermic nature of that process. 




Energy is conserved. The total energy possessed by a system is the system's internal energy, E. Although it generally is not possible to determine the exact value of E, it is possible to measure changes in E associated with chemical or physical processes. This is made possible by the fact that E is a state function.

Essential knowledge : 
	ENE-2.C.1 The particles in a warmer body have a greater average kinetic energy than those in a cooler body. ENE-2.C.2 Collisions between particles in thermal contact can result in the transfer of energy. This process is       

                    called “heat transfer,” “heat exchange,” or “transfer of energy as heat.” 
ENE-2.C.3 Thermal equilibrium is reached as the particles continue to collide. At thermal equilibrium, the 
                    average kinetic energy of both bodies is the same, and hence, their temperatures are the same. 


The change in internal energy associated with a process is related to heat and work by the equation
[image: image198.png]AE=g+w




where q is heat transferred and w is work done. By convention, when heat is transferred to the system from the surroundings, q is a positive number. When heat flows from system to surroundings, q is a negative number. Similarly, when the surroundings do work on the system, w is positive, and when the system does work on the surroundings, w is negative. 
Essential knowledge: 
	ENE-2.F.1 The enthalpy change of a reaction gives the amount of heat energy released (for negative values) 
                   or absorbed (for positive values) by a chemical reaction at constant pressure. 
                                                    


Most of the material in this chapter is concerned with heat transfer rather than work. An exothermic process is one that results in heat being transferred from the system to the surroundings. An endothermic process results in heat being transferred from the surroundings to the system.  The capacity to transfer heat, known as the enthalpy, H. Like internal energy, enthalpy itself cannot be determined exactly, but changes in enthalpy ([image: image199.png]


H) can be determined.
The change in enthalpy, [image: image200.png]


H, is the heat exchanged between system and surroundings as the result of a process carried out at constant pressure: [image: image201.png]


H =qp. According to the sign convention, an exothermic process will have a negative [image: image202.png]


H and an endothermic process will have a positive [image: image203.png]


H. The enthalpy change of a reaction is equal in magnitude but opposite in sign to the enthalpy change of the reverse reaction: 

[image: image204.png]


 

Also known as the heat of reaction, the enthalpy of reaction ([image: image205.png]


Hrxn) is the heat exchanged between system and surroundings at constant pressure, as the result of a chemical reaction. ([image: image206.png]


H's can also be written for physical processes, and a subscript abbreviating the specific process is typically included. For example, the heat required to vaporize a mole of substance is referred to as [image: image207.png]


Hvap, the delta H of vaporization or the heat of vaporization of that substance.) 

[image: image208.png]


H°f ("standard delta H of formation"; also called heat of formation) values are tabulated for a large number of compounds. [image: image209.png]


H°f is defined as the heat of reaction for the production of one mole of a substance from its constituent elements, each in their standard states. For instance, the [image: image210.png]


H°f of liquid water is the [image: image211.png]


H for the following reaction (at 298 K).
	[image: image212.png]H,(g) + § O,(g) = H,00)




	[image: image213.png]






Essential knowledge: 
ENE-3.B.1 Tables of standard enthalpies of formation can be used to calculate the standard enthalpies of 
                    reactions.  Use this information and the equation:
[image: image214.png]AHZ, =ZnhHj (product) - DA § (reactanty




where n and m represent the coefficients in a balanced chemical equation, we can calculate the heat of a reaction without actually carrying out the reaction.  If the reactants in a chemical reaction have a greater enthalpy (heat content) than the products—the reactants have to give off heat in order to become products—the sign of [image: image215.png]


H will be negative. A negative [image: image216.png]


H corresponds to an exothermic process. Conversely, a positive [image: image217.png]


H corresponds to an endothermic process.
Essential knowledge: 
	ENE-3.C.1 The concept of “state function” is not required for the course, two principles of Hess’s law 
                    should be understood. First, when a reaction is reversed, the enthalpy change stays constant in 
                    magnitude but becomes reversed in mathematical sign. Second, when two (or more) reactions are 
                    added to obtain an overall reaction, the individual enthalpy changes of each reaction are added to 
                    obtain the net enthalpy of the overall reaction.



Enthalpies of reaction values for a great many reactions have been determined and tabulated. Some [image: image218.png]


H values are difficult or impossible to determine directly. In many cases Hess's law allows us another way to determine the [image: image219.png]


H of a reaction without actually carrying out the reaction. 
Suppose we want to know the [image: image220.png]


Hrxn for the reaction of F2 gas and PH3 gas to produce PF5 gas and H2 gas, but we are unable to perform the experiment and measure the heat of reaction. We have the following information.
	Reaction
[image: image221.png]



	[image: image222.png]


H
[image: image223.png]




	[image: image224.png]2P(g) + 5F,(g) — 2PFs(g)




	[image: image225.png]- 3188 .8 kI





	[image: image226.png]2PH, (g) — 2P(g) + 3H,(g)




	[image: image227.png]-10.8 kI






By adding the two equations shown in the table and canceling identical items on opposite sides of the arrow, we get the original equation of interest. Hess's law states that if we can add two or more equations to get the desired equation, we can also add their [image: image228.png]


H's to get the desired [image: image229.png]


H. We can regard this reaction as one that consists of two distinct steps, each of which has a particular [image: image230.png]


H° associated with it. The first step in this case gives off 3188.8 kJ. The second step gives off 10.8 kJ. The total amount of heat given off is the sum of the heat given off by the two steps. Therefore, the [image: image231.png]


H° for the following equation is: 

5F2(g) + 2PH3(g) ( 2PF5(g) +3H2(g) 
[image: image232.png]—31888 kI +(-108 kJ) = —3199.6 kI




In this example we added [image: image233.png]


H° values to get [image: image234.png]


H° reaction. Recall that the ° notation specifies standard conditions of atmospheric pressure and 25°C. Hess's law applies to all reactions, whether or not they occur under standard conditions.
	Essential knowledge: 
ENE-3.D.1 When the products of a reaction are at a different temperature than their surroundings, they 
                   exchange energy with the surroundings to reach thermal equilibrium. Thermal energy is 
                   transferred to the surroundings from the products of an exothermic reaction. Thermal energy is 
                   transferred from the surroundings to the products of an endothermic reaction.


[image: image235.png]


Hsolution , sometimes called heat of solution or molar enthalpy of dissolution, refers to the [image: image236.png]


Hrxn for the physical process of dissolving one mole of a substance in water.

Essential knowledge: 
	ENE-3.A.1 During a chemical reaction, bonds are broken and/or formed, and these events change the potential 
                    energy of the system. 
ENE-3.A.2 The average energy required to break all of the bonds in the reactant molecules can be estimated 
                   by adding up the average bond energies of all the bonds in the reactant molecules. Likewise, the 
                   average energy released in forming the bonds in the product molecules can be estimated. If the 
                   energy released is greater than the energy required, the reaction is exothermic. If the energy 
                   required is greater than the energy released, the reaction is endothermic. 



The strength of a bond can also be measured in terms of bond enthalpy. This is the energy required to break a particular bond.  Here is yet another way to calculate the heat of a reaction.  All bond enthalpies are positive numbers because they correspond to [image: image237.png]


H values for breaking bonds. Breaking bonds is always an endothermic process.  Using the tabulated average bond enthalpies for the bonds broken and bonds formed, we calculate the enthalpy of the reaction:

[image: image238.png]AH_, =" (bond enthalpies of bonds broken)~ > (bond enthalpies of bonds formed)




Note that similar to the previous heat of reaction formula (heat of products – heat of reactants), this formula allows us to calculate the same information, but using a different method.   Also note that bond length is inversely proportional to bond enthalpy. The greater the number of electrons shared between two nuclei, the shorter and stronger the bond. 
Essential knowledge: 
ENE-2.D.1 The heating of a cool body by a warmer body is an important form of energy transfer between 
                    two systems. Calorimetry experiments are used to measure the transfer of heat. The amount of      

                    heat transferred between two bodies may be quantified by the heat transfer equation: 
                    Equation:   q  =   m x C x T
ENE-2.D.3 The transfer of a given amount of thermal energy will not produce the same temperature 
                    change in equal masses of matter with differing specific heat capacities.
ENE-2.D.4 Heating a system increases the energy of the system, while cooling a system decreases the 
                   energy of the system. 
ENE-2.D.5 The specific heat capacity and the molar heat capacity are used in energy calculations. 
Calorimetry is yet another method of measuring heat. Terms essential to the understanding of calorimetry are heat capacity and specific heat. Heat capacity is defined as the amount of heat necessary to raise the temperature of an object by one degree (Celsius or Kelvin). The units of heat capacity are joules per degree, J/°C or J/K. For pure substances the heat capacity is usually given in terms of a specified amount of the substance. The heat capacity of 1 mol of a substance is called its molar heat capacity. This is simply the amount of heat necessary to raise the temperature of 1 mol of a substance by one degree. The units of molar heat capacity are joules per mole per degree, J/mol-°C or J/mol-K. Specific heat, also known as specific heat capacity, is defined as the amount of heat necessary to raise the temperature of 1 g of a substance by one degree. The units of specific heat are joules per gram per degree, J/g-°C or J/g-K. Note that heat capacity applies to objects, while molar and specific heat capacities apply to substances. Note also that the units of each can specify degrees Celsius or Kelvin, since the magnitude of a degree is the same on both scales.
The device used to measure heat flow between systems and surroundings is called a calorimeter. You will encounter two kinds of calorimetry: constant-pressure calorimetry and constant-volume, or "bomb," calorimetry.

Below is a phase change diagram which shows how water is converted from ice to steam.  Note that at each line of the diagram, a different formula would be used to calculate the heat (q) that is absorbed in each step of water’s conversion.

Phase Change Diagram for 50.0 grams of Water
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To calculate the heat produced from a reaction the following formula is used:

q  =   m x C x T

where 

q = the heat of the reaction in joules





m = the mass of the reactants in grams  



T = the change in temperature 

and 
C = the specific heat of the reactants in J/g.°C

Calorimetry can be used to calculate heat of a solution or reaction.  It can also be used to calculate the heat of fusion (turning a solid into a liquid) of the heat of vaporization (turning a liquid into a gas).  Using the following formulas:

q  =   m x Hf
   
                where Hf  = the heat of fusion in J/g
q  =   m x Hv

     where Hv = the heat of vaporization in J/g
	Essential knowledge: 
ENE-2.D.6 Chemical systems change their energy through three main processes: heating/cooling, phase  

                    transitions, and chemical reactions. 
ENE-2.E.1 Energy must be transferred to a system to cause a substance to melt (or boil). The energy of 
                    the system therefore increases as the system undergoes a solid-to-liquid (or liquid-to-gas) 
                    phase transition. Likewise, a system releases energy when it freezes (or condenses). The 
                    energy of the system decreases as the system undergoes a liquid-to-solid (or gas-to-liquid) 
                    phase transition. The temperature of a pure substance remains constant during a phase change. ENE-2.E.2 The energy absorbed during a phase change is equal to the energy released during a 
                    complementary phase change in the opposite direction. For example, the molar heat of 
                    condensation of a substance is equal to the negative of its molar heat of vaporization. 
 


Thermochemistry- Problem Set

1.   If 25.0 grams of copper at 50.0 oC was cooled down to 10.0 oC by dunking it into 25.0 grams of ice 

water at 0.0 oC, how much heat was lost by the copper?  (The specific heat of copper is 

0.385 J/goC)

   2.  Using the information in Problem #1, calculate the final temperature of the water after the copper 

   
reaches a temperature of 10.0 oC.  (The specific heat of water is 4.184  J/goC).

3.  Given the following information:
C2H4 (g)   +  3 O2 (g)   (   2 CO2 (g)   +   2 H2O (g)   

Hf  of C2H4  = 52.3 kJ/mol
Hf  of CO2  = -393.5 kJ/mol

Hf  of H2O  = -241.8 kJ/mol

a) What is the H of the reaction?


b)  How much heat would be evolved when 220.56 g of water was produced?


c)  How many moles of C2H4 would be required to produce 400 kJ of heat?


d)  If the molar volume of C2H4 is 22.4 L/mol, how many liters of C2H4 are required in part c)?

4.  Given the following reaction:   C2H4 (g)   +  3 O2 (g)   (   2 CO2 (g)   +   2 H2O (g)     Hrxn   = -1322.9 kJ
Hf  of C2H4  = 52.3 kJ/mol
Hf  of H2O  = -241.8 kJ/mol

            a) Calculate the Hf  for carbon dioxide.


b)  How much heat would be evolved when 140.0 g of C2H4 is consumed?


c)  How many moles of C2H4 would be required to produce 2300 kJ of heat?


d)  If the molar volume of C2H4 is 22.4 L/mol, how many liters of C2H4 are required in part c)?

      5. A thermite reaction is one of the most powerful exothermic reactions known to exist.  If all of the heat 


given off in the following thermite reaction by 1 mole of Fe2O3 is absorbed by the products, what would be the the change in temperature if the reaction goes to completion.  (The specific heat of Al2O3 is 

0.19 j/goC an d the specific heat of Fe is 0.48 j/goC).  

Here is the thermite reaction:   Fe2O3 (s)   +  2 Al (s)   (    Al2O3 (s)   +  2 Fe (s)    Hrxn   = -847.6 kJ


      6. Use Hess’ Law to calculate  H for the following reaction: 

4 HCN (l)   +  9 O2 (g)     (    4 CO2 (g)   +  4 NO2 (g)   +   2 H2O (l)


Given:

H2 (g)   +  2 C (s)    +  N2  (g)    (    2 HCN (l) 
Hrxn   =  217.8 kJ

`

C (s)    +  O2  (g)    (    CO2 (g) 


Hrxn   =  -393.5 kJ




2 NO2 (g)     (    N2  (g)       +   2 O2  (g)  
   
Hrxn   =  -66.40 kJ




2 H2 (g)   +  O2  (g)  (    2 H2O (l)
   
Hrxn   =  -571.70 kJ

Unit 11 – Thermodynamics 

Learning Objectives
ENE-4.A Identify the sign and magnitude of the entropy change associated with chemical/physical processes.
ENE-4.B Calculate the entropy change for a chemical or physical process based on the absolute entropies of the             

                species involved in the process.

ENE-4.C Explain whether a physical or chemical process is thermodynamically favored based on an 
                evaluation of ∆Go.

ENE-4.D Explain, in terms of kinetics, why a thermodynamically favored reaction might not occur at a 
                measurable rate.

ENE-5.A Explain if a process is thermodynamically favored using the relationships between K, ΔGo and T.
SPQ-5.D Explain the relationship between the solubility of a salt and changes in the enthalpy and entropy that 
                occur in the dissolution process.
A spontaneous process is one that occurs without outside intervention.  At 0°C ice and water are in equilibrium, and neither process, melting or freezing, is spontaneous. At equilibrium both melting and freezing are reversible processes.  Only for a reversible process is it possible to return a system to its original state with no net change in either system or surroundings. In the case of ice melting, with the system at equilibrium we can add the amount of heat necessary to melt the ice at 0°C. We can then return the system to its original state by removing the same amount of heat. For any system, there is only one reversible path between two states.

An irreversible process is one that cannot be undone simply by reversing the events that caused it. It is important to understand that because a reaction or process that is spontaneous does not mean that it is fast. Thermodynamics tells us nothing about rates of reaction. 
In order for a reaction to be spontaneous, either the reaction must be exothermic, or the entropy of the system must increase (or both).  If a reaction is not exothermic, then the driving force must be the increased disorder of the system. Endothermic processes that are spontaneous have this driving force. The melting of ice causes a highly ordered, crystalline solid to become a liquid. The freedom of motion of water molecules in liquid water makes for a much more random system than ice. 

Likewise, the dissolution of an ionic solid in water results in a less ordered system. The ions become far less ordered when dissolved in water, but the water molecules actually gain order by virtue of their interaction with the ions. The loss of order by the ions is generally greater than the gain in order by the water molecules, though, so the net result is a loss of order. This loss of order is the driving force behind an endothermic dissolution of an ionic compound such as sodium chloride.

In thermodynamic terms randomness is referred to as entropy and given the symbol S. The more random a system, the greater its entropy. Like internal energy (E) and enthalpy (H), entropy is a state function. The change in entropy, [image: image239.png]


S, depends only on the initial and final states and not on the path between them.

[image: image240.png]



For a reversible process that occurs at a constant temperature T
[image: image241.png]AS =

T




Essential knowledge:
	ENE–4.A.1 Entropy increases when matter becomes more dispersed. For example, the phase change from solid 
                    to liquid or from liquid to gas results in a dispersal of matter as the individual particles become freer 
                    to move and generally occupy a larger volume. Similarly, for a gas, the entropy increases when there 
                    is an increase in volume (at constant temperature), and the gas molecules are able to move within a  

                    larger space. For reactions involving gas-phase reactants or products, the entropy generally increases 
                    when the total number of moles of gas-phase products is greater than the total number of moles of 
                    gas-phase reactants.

	ENE–4.A.2 Entropy increases when energy is dispersed. According to kinetic molecular theory (KMT), the 
                    distribution of kinetic energy among the particles of a gas broadens as the temperature increases. 
                    As a result, the entropy of the system increases with an increase in temperature.

	ENE–4.B.1 The entropy change for a process can be calculated from the absolute entropies of the species 
                     involved before and after the process occurs.
                                              EQUATION:  
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Recall that q is the heat transferred between system and surroundings during a physical or chemical process. Since there is only one reversible path between two states, there is only one possible value for [image: image243.png]


S for any process.  The second law of thermodynamics states that for any reversible process, the entropy change of the universe is zero, and that for any irreversible process, the entropy change of the universe is positive.  A reaction that results in an increase in the number of molecules of gas generally has a positive [image: image244.png]


S value. The third law of thermodynamics states that at absolute zero, the entropy of a pure crystalline substance is zero.  Therefore, a phase change from solid to liquid to gas shows an increase in entropy.

The following is a list of rules concerning entropy:

1. Unlike enthalpies of formation, the standard molar entropies of elements are not zero. 

2. The standard molar entropies of gases are greater than those of liquids and solids.

3. The standard molar entropies generally increase with increasing molar mass of the substance. 

4. The standard molar entropies generally increase with the number of atoms in the formula of the substance. 

The entropy change, [image: image245.png]


S, for a reaction can be calculated with the equation

[image: image246.png]AS® = nS5*(products)— > m 5°(reactants )




where n and m are the coefficients in a balanced chemical equation.

Essential knowledge: 
SPQ–5.D.1 The free energy change (ΔGo) for dissolution of a substance reflects a number of factors: the  

                    breaking of the intermolecular interactions that hold the solid together, the reorganization of the 
                    solvent around the dissolved species, and the interaction of the dissolved species with the solvent. It 
                    is possible to estimate the sign and relative magnitude of the enthalpic and entropic contributions to 
                    each of these factors. However, making predictions for the total change in free energy of 
                    dissolution can be challenging due to the cancellations among the free energies associated with the 
                    three factors cited.
	ENE–4.C.4 In some cases, it is necessary to consider both enthalpy and entropy to determine if a process will 
                     be thermodynamically favored. The freezing of water and the dissolution of sodium nitrate are 
                     examples of such phenomena.

	ENE–4.C.5 Knowing the values of ΔHo and ΔSo for a process at a given temperature allows ∆Go to be calculated 
                    directly.                  EQUATION:  ΔGo = ΔHo − TΔSo



We have seen that very exothermic processes are generally spontaneous. We have also seen that spontaneous processes are associated with increased entropy. In order to predict whether or not a process is spontaneous, we can combine the concepts of enthalpy and entropy to introduce a new state function: Gibbs free energy, G (also called, simply, free energy). 

[image: image247.png]G=H-TS




For a process that occurs at constant temperature
[image: image248.png]AG=AH -TAS




The standard thermodynamic temperature is 25°C. Under standard conditions the Gibbs Free energy equation uses a o symbol and is written as:
[image: image249.png]H° - TAS®




This equation allows us to predict the spontaneity of a process that occurs at constant temperature and pressure.

· If [image: image250.png]


G is negative, the reaction is spontaneous as written.

· If [image: image251.png]


G is zero, the reaction is at equilibrium. Neither the forward nor reverse process is spontaneous.

· If [image: image252.png]


G is positive, the reaction is nonspontaneous as written. (The reverse process is spontaneous.)

· A chemical reaction that is irreversible is referred to as going to completion. 
Essential knowledge: 
	ENE–4.C.1 The Gibbs free energy change for a chemical process in which all the reactants and products are 
                     present in a standard state (as pure substances, as solutions of 1.0 M concentration, or as gases at a 
                     pressure of 1.0 atm (or 1.0 bar)) is given the symbol ΔGo.

	ENE–4.C.2 The standard Gibbs free energy change for a chemical or physical process is a measure of 
                     thermodynamic favorability. Historically, the term “spontaneous” has been used to describe processes 
                     for which ΔGo < 0. The phrase “thermodynamically favored” is preferred instead so that common 
                     misunderstandings (equating “spontaneous” with “suddenly” or “without cause”) can be avoided. 
                     When ΔGo < 0 for the process, it is said to be thermodynamically favored.

	ENE–4.C.3 The standard Gibbs free energy change for a physical or chemical process may also be determined 
                    from the standard Gibbs free energy of formation of the reactants and products.
                                           EQUATION:  
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Free energy changes are determined in much the same way as enthalpy changes. Thermodynamic tables contain standard free energy of formation, [image: image254.png]


Gf° values that can be used to determine the standard change in free energy of a reaction, [image: image255.png]


G° .
[image: image256.png]AG® =3, nAG; (products ) - 3 mAG; (reactants )




The value of [image: image257.png]


G° tells us whether a reaction will be spontaneous under standard conditions. (i.e. 25°C)
We can calculate the values of [image: image258.png]


H° and [image: image259.png]


S° using tabulated data. Then, assuming that the values of [image: image260.png]


H° and [image: image261.png]


S° do not change with temperature, we can calculate [image: image262.png]


G° for temperatures other than 25°C. 
Essential knowledge:

	ENE–4.C.6 In general, the temperature conditions for a process to be thermodynamically favored (ΔGo < 0) 
                     can be predicted from the signs of ΔHo and ΔSo as shown in the table below:
ΔHo
ΔSo
Symbols

ΔGo < 0

favored at:

< 0

> 0

<  >

all T
> 0

< 0

>  <

no T
> 0

> 0

>  >

high T
< 0

< 0

<  <

low T
                     In cases where ΔHo < 0 and ΔSo > 0, no calculation of ∆Go is necessary to determine that the process is 
                     thermodynamically favored (ΔGo < 0). In cases where ΔHo > 0 and ΔSo < 0, no calculation of ∆Go 
                     is necessary to determine that the process is thermodynamically unfavored (ΔGo > 0).


Certain combinations of [image: image263.png]


H° and [image: image264.png]


S° will predict that a reaction will be spontaneous at all temperatures. Other combinations of [image: image265.png]


H° and [image: image266.png]


S° will predict that a reaction will be nonspontaneous at all temperatures. Other combinations will require consideration of the temperature and the relative magnitudes of [image: image267.png]


H° and [image: image268.png]


S° . This is summarized in the Table below:
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Essential knowledge: 
	ENE–4.D.1 Many processes that are thermodynamically favored do not occur to any measurable extent, or they 
                    occur at extremely slow rates.

	ENE–4.D.2 Processes that are thermodynamically favored, but do not proceed at a measurable rate, are under 
                    “kinetic control.” High activation energy is a common reason for a process to be under kinetic control. 
                    The fact that a process does not proceed at a noticeable rate does not mean that the chemical system is 
                    at equilibrium. If a process is known to be thermodynamically favored, and yet does not occur at a 
                    measurable rate, it is reasonable to conclude that the process is under kinetic control.

	ENE–5.A.1 The phrase "thermodynamically favored" (ΔGo < 0) means that the products are favored at 
                    equilibrium (K > 1).

	ENE–5.A.2

The equilibrium constant is related to free energy by the following equations.

                                                                      EQUATION:  
[image: image270.wmf]/
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                                                                      EQUATION:  ΔGo = –RT ln K


	ENE–5.A.3 Connections between K and ΔG° can be made qualitatively through estimation. When ΔG° is near zero, 
                    the equilibrium constant will be close to 1. When ΔG° is much larger or much smaller than RT, 
                    the value of K deviates strongly from 1.

	ENE–5.A.4 Processes with ΔGo < 0 favor products (i.e., K > 1), and those with ΔGo > 0 favor reactants (i.e., K < 1).


The calculation of  G under nonstandard conditions will not be assessed by the AP Exam

In addition to occurring at temperatures other than 25°C, reactions can be carried out with varied reactant and product concentrations.  The gauge of spontaneity under standard conditions is [image: image271.png]


G° . The gauge of spontaneity under nonstandard conditions is [image: image272.png]


G. The two are related by the equation

[image: image273.png]AG=AG" +RThn Q




where Q is the reaction quotient and R is the ideal-gas constant in J/mol-K (or kJ/mol-K). Remember that Q is calculated exactly the way that K, the equilibrium constant, is calculated, except for the fact that the concentrations and/or pressures used are not necessarily equilibrium values.

Under standard conditions all values in the reaction quotient are equal to 1, making Q = 1. When Q is 1, the natural logarithm term is zero, making [image: image274.png]


G equal to [image: image275.png]


G° .

At equilibrium, [image: image276.png]


G = 0 and Q = K. This lets us derive a relationship between [image: image277.png]


G° and the equilibrium constant, K.

[image: image278.png]AG =AG°+RTInQ




[image: image279.png]0=AG°+RTI K




[image: image280.png]


  *
This allows us to solve for [image: image281.png]


G° if we know K. Conversely, if we know [image: image282.png]


G° , we can solve for K.
[image: image283.png]e
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   *
*Note that the last two equations listed here will be assessed on the AP Exam but not the  

  derivations leading to them.
Thermodynamics- Problem Set

1.  For the reaction  A(g) ( ( B(g)  +  C(g) Kp = 2 x 10-4 at 25oC.  A mixture of the three gases is placed in a 

reaction flask and the initial pressures were PA = 2 atm, PB = 0.5 atm, and PC = 1 atm.  At the instant of 

mixing, which of the following is true for the reaction in the forward direction?


a)  G < 0

b) G > 0

c) S = 0

d)  Go = 0

e) Go < 0 
2.  Which choice would definitely be non-spontaneous for the following changes in enthalpy and entropy? 


a)  +H and +S
b) +H and -S
c) -H and +S
d)  -H and -S

 
3.  The following chemical reaction occurs at 25°C:

2 HNO3 (l) + 3 H2S (g) ( 4 H2O (l) + 2 NO (g) + 3 S (s)
You are given the following thermodynamic data:

Species       H°f (kJ/mol)       G°f (kJ/mol)

      HNO3 (l)    
  -174.1                    
  -80.8
      H2S (g) 
    -20.6 

  -33.6

      H2O (l) 
  -285.8 

-237.2

      NO (g)  
      90.2 

    86.6

a)  What is the value of the standard Gibbs Free Energy for the system represented above?

b) What is the value of the equilibrium constant for the system represented above? (R = 8.314 J/K)

c) Calculate S° at 25°C.

4. Keq = 36 at 300°C for the reaction: A2 (g)   +   B2 (g) <====> 2 AB (g) 

a) Calculate the G° at 300°C for this reaction. (R = 8.314 J/K)

b) What is H° for the reaction if S° at 300°C is 20.0 J/mol•K?

c) Calculate Keq for the reaction: AB (g)   <====>   ½ A2 (g)   +   ½  B2 (g)
Unit 12 – Electrochemistry 

Learning Objectives
ENE-5.B Explain the relationship between external sources of energy or coupled reactions and their ability to 
                drive thermodynamically unfavorable processes.
ENE-6.A Explain the relationship between the physical components of an electrochemical cell and the overall 
                operational principles of the cell.

ENE-6.B Explain whether an electrochemical cell is thermodynamically favored, based on its standard cell 
                potential and the constituent half-reactions within the cell.

ENE-6.C Explain the relationship between deviations from standard cell conditions and changes in the cell    

                potential.

ENE-6.D Calculate the amount of charge flow based on changes in the amounts of reactants and products in an 

                 electrochemical cell.

TRA-2.C Represent a balanced redox reaction equation using half-reactions.
Oxidation-reduction reactions (or redox reactions) involve the transfer of electrons from one species to another. In other words, the oxidation state of one or more substances in the reaction changes. The transfer of electrons inherent in an oxidation-reduction process can be used to produce energy in the form of electricity. Electrochemistry is the study of the relationships between chemical reactions and electrical energy.

We identify a reaction as oxidation-reduction by comparing the oxidation numbers of atoms in the reactants and products. If the oxidation numbers change, the reaction is an oxidation-reduction.

Zn (s) + 2 H+ (aq)   (   Zn+2 (aq)  +  H2 (g)
Essential Knowledge:

TRA–2.C.1 Balanced chemical equations for redox reactions can be constructed from half-reactions.
In this reaction zinc metal loses electrons to become a cation, and thus zinc has been oxidized. The hydrogen ions, 2 H+, gain electrons to become hydrogen gas. Hydrogen ions have been reduced. In this example zinc is the reducing agent, or reductant, and hydrogen ion is the oxidizing agent, or oxidant.
It is not always convenient to balance oxidation-reduction reactions by inspection. The equation

[image: image284.png]MO, (ag) + C,0,> (ag) — Ma* (ag) + CO,(g)




would be impossible to balance by inspection. To balance such an equation, we use a technique known as the method of half-reactions. A half-reaction is an equation that shows either oxidation or reduction alone. Normally, half reactions can simply be balanced by balancing the number of electrons lost in the oxidation half reaction with the number of electrons gained in the reduction half reaction.  However, you may be asked to balance a redox reaction that is much more difficult (like the one above).  This is an example to show you how to balance a redox reaction in an acidic or basic solution where they do not give you all of the components of the reaction.  You will have to figure out the entire reaction and balance it properly.
The next page shows a step by step process on how to balance a complex redox problem that involves the addition of acid using the above equation.

	1. Divide the equation into two incomplete half-reactions, one for oxidation and the other for reduction.

[image: image285.png]MnO, (ag) = Mn™ (aq)




[image: image286.png]C,0." (ag) = CO,(g)




2. Balance each half-reaction.

  a. First, balance the elements other than H and O. 

[image: image287.png]MnO, (ag) = Mn™ (aq)




[image: image288.png]C,0." (ag) = 2CO,(g)




  b. Next, balance the O atoms by adding H2O. 

[image: image289.png]MO, (ag) — Mn* (ag) + 4H,0()




[image: image290.png]C,0." (ag) = 2CO,(g)




  c. Then, balance the H atoms by adding H+. 

[image: image291.png]8H* (ag) + MnO, " (ag) — Mn* (ag) +4H,0()




[image: image292.png]C,0." (ag) = 2CO,(g)




  d. Finally, balance the charge by adding e- to the side with the greater overall positive charge. 

[image: image293.png]S5e” +8H" (ag) + MnO, ™ (ag) — Mn* (ag) + 4H,0()



[image: image294.png]


(electrons on the left: reduction)
(electrons on the right: oxidation)[image: image295.png]


 [image: image296.png]C,0,* (ag) — 2C0, (g) + 2~




3. Multiply each half-reaction by an integer so that the number of electrons lost in one half-reaction equals the number gained in the other.

[image: image297.png]2 % [Se” +8H* (ag) + MnO, " (ag) — Mn ™ (ag) +4H,0()]




[image: image298.png]5 % [C,0," (ag) = 2C0, (g) + 2¢7]




[image: image299.png]10e™ +16H* (ag) + 2MnO ™ (ag) — 2Mn ™ (ag) +8H,O()




[image: image300.png]5C,0,% (ag) = 10C0O, (g) + 10e”




4. Add the two half-reactions, and simplify where possible by canceling species that appear on both sides of the equation.

[image: image301.png]10e™ +16H* (ag) + 2MnO ™ (ag) — 2Mn ™ (ag) +8H,O()




+[image: image302.png]5C,0,% (ag) = 10C0O, (g) + 10e”




[image: image303]
[image: image304.png]16H* (ag) +2MnO, (ag) +5C,0,” (ag) — 2Mn* (ag) +10CO, (g) + 8H,0()






Balancing  in a basic solution is a little more challenging.  The following is an example of a step by step process on how to balance a complex redox problem that involves the addition of a base using the following reaction in an alkaline solution: 
[image: image305.png]NO, (aq) + Al(s) = NH; (ag) + A1(OH), (ag)




	1. Divide the equation into two incomplete half-reactions, one for oxidation and the other for reduction.

[image: image306.png]NO,” (ag)—>NH; (ag)




[image: image307.png]Al(s)—>A(CH), ™ (aq)




2. Balance each half-reaction.

a.  First, balance the elements other than H and O. 

[image: image308.png]NO,” (ag)—>NH; (ag)




[image: image309.png]Al(s)—>A(CH), ™ (aq)




b.  Next, balance the O atoms by adding H2O 

[image: image310.png]NO,” (ag)—>NH, (ag)+2H,0(1)




[image: image311.png]4H ,0(1)+Al(s) > Al (OH), ™ (aq)




c.  Then, balance the H atoms by adding H+. 

[image: image312.png]TH* (ag)+NO,” (ag)—>NH, (ag)+2H,0(1)




[image: image313.png]4H,0()+Al(s)>AI(OH),” (ag)+4H* (ag)




d.  Finally, balance the charge by adding e- to the side with the greater overall positive charge. 

[image: image314.png]62 + TH* (ag) + NO, (ag) — NH; (aq) + 2H,0())



[image: image315.png]


(electrons on the left: reduction)
(electrons on the right: oxidation)[image: image316.png]


 [image: image317.png]4H,0(0) + Al(s) — Al{OH), ™ (ag) + 4H" (aq) + 3¢~




3. Multiply each half-reaction by an integer so that the number of electrons lost in one half-reaction equals the number gained in the other.

[image: image318.png]62 + TH* (ag) + NO, (ag) — NH; (aq) + 2H,0())




[image: image319.png]2 % [4H,0() + Al(s) - Al(OH), ™ (ag) + 4H" (ag) + 3¢”]




[image: image320.png]62 + TH* (ag) + NO, (ag) — NH; (aq) + 2H,0())




[image: image321.png]SH,O@) + 241(s) — 2A1(0H), (ag) +8H* (ag) + 6¢~




4. Add the two half-reactions, and simplify where possible by canceling species appearing on both sides of the equation.

[image: image322.png]62 + TH* (ag) + NO, (ag) — NH; (aq) + 2H,0())




                                    +

[image: image323.png]SH,O@) + 241(s) — 2A1(0H), (ag) +8H* (ag) + 6¢~




[image: image324]
[image: image325.png]6H,0()+NO,” (ag)+2Al(s)—>NH; (ag)+24(OH),” (ag)+H"* (aq)




5. Check the equation to make sure that there are the same number of atoms of each kind on both sides and the same total charge on both sides.

[image: image326.png]6H ,0(1)+NO, (ag)+2Al(s)—>NH, (ag)+2A (OH), (ag)+H* (ag)





 INCLUDEPICTURE "../../../CentralScienceLive/ComArt/check.GIF" \* MERGEFORMAT [image: image327.png]



6. Neutralize any H+ ions in the equation with OH- ions, adding the same number of OH- ions to the opposite side of the equation. (The combination of an H+ and an OH- produces a water molecule.) In this case we add one OH- to the right side to neutralize the H+. This gives us a water molecule. We also add one OH- to the left. 

7. Cancel any resulting water molecules with water molecules on the opposite side of the equation.

[image: image328.png]OH~ (ag)+6H,0(1)+NO,” (ag)+24l(s)





 INCLUDEPICTURE "../../../CentralScienceLive/Chapter20/Images/Image238b.gif" \* MERGEFORMAT [image: image329.png]—NH; (ag)+24 (OH),” (ag)+H,O(ag)




[image: image330.png]OH~ (ag)+5H,0(1)+NO,” (ag)+24l(s)
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Check to be sure that both mass and charge are balanced.


Voltaic Cells
The electrical energy produced by a spontaneous oxidation-reduction reaction can be "harnessed" using a voltaic cell (also called a galvanic cell). In a voltaic cell the two half-reactions are made to occur in separate compartments (half-cells).
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The beaker on the left contains a zinc nitrate solution and a zinc metal electrode. The beaker on the right contains a copper(II) nitrate solution and a copper metal electrode. The two beakers are connected by a U-shaped tube called a salt bridge, which contains a sodium nitrate solution. The electrodes are connected by a wire with a voltmeter between them.

In the beaker on the left, zinc metal from the zinc electrode is oxidized to Zn2+ ion as electrons leave the zinc electrode and travel toward the copper electrode. As electrons in the copper electrode encounter Cu2+ ions at the electrode/solution interface, Cu2+ ions are reduced to copper metal and deposited on the electrode surface. The electrode at which oxidation occurs is called the anode; in this case, the zinc electrode. The electrode at which reduction takes place is called the cathode; in this case, the copper electrode.
Electrons spontaneously flow from one species to another—and through the wire from the anode to the cathode of a voltaic cell—because of a difference in potential energy, or a potential difference. The potential difference between two electrodes is measured in volts. One volt is equal to one joule per coulomb.
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The potential difference that drives electrons through the wire in a voltaic cell is called the electromotive force or emf. For a voltaic cell the emf is denoted Ecell and referred to as the cell potential.
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strong oxidizing agents

Standard Reduction Potentials at 25°C 1M 1 atm

HALF-REACTION E W)
Fag+ 28— 2 Fag +287
Oaggy+2 Higgy + 2 & = Oy + H:Opy +207
Co¥ag + 8 = CoM*eg +182
HoOz0)+ 2 Haqy +2 & = 2H,0p) .77
PhOs +4 H¥agy + S04 + 28 — PhSOuey + 2 HyOqy  +1.70
Cetag +B = Ce¥eg +161
MO, ey + B Higgy 4 8 & — M + 4 HaOp) 51
AUaq + 38 - Al +150
Clagy + 28— 2 Clgg +136
Cra07 % + 14 Hiag) + 6 & = 2 Cfq + 7 HyOp +1.33
MNOge) +4 Higg) *+2 & = Mgy + 2H;0p +123
[Ou +4 Hiy +4 & = 2 Hy0g +1.29
Biogy + 28 — 2B g 107
NOy g +4 Htag + 3 € — NOgy +2 Hi0gy +0.96
2HG o +2€ = HE ) 092
Hgz™ + 2 = 2 Hgg +085
Alay +E = Allg +080
Fe¥ay + & = Feley 4077
O+ 2 H 2 & = HiOsaqy 068
MMy + 2 HyOp) + 3 & = MNOgg +4 OH gy +059
gy + 28 = 2 gy +053
Oagy+2H,0 +48 =>4 OH gy +040
CUPg + 28 = Cliy +034
AGClgy+ & - Al + Clag +022
508 +4 Hiap + 2 & = 502y + 2 H10py +0.20
CUy + 8 = Cl'y +0.15
Sy + 2 = Bii gy +0.13
2HYop + 28 = Hagy 000

Py + 2 € = Phgy -0.13
SNt +2 € = SN -0.14
Ni*aq + 26" = Nigy -0.25
Co¥ep +28 = Cogy -0.28
PhSO0 4 +2 &' = Phigy + S0 e 031

Ci¥ + 28— Cll -0.40
FE2 o +2 & > Feg) 044
% g+ 3€° = Cre 074
Znt*ag + 2 € = Zngs -076
2 H,0p +2€ = Hyy +20H “0.83
Mg + 2 € — My, -1.18
Aftap + 38 > Algy -166
Be¥ ey + 26 > Beg, -1.88
Mg + 2 € = Mgy -237
Na'o + & = Nag, 27

Calyy + 28 = Cag, 287
S + 28— Shyy -2.89
Bat ey +2€ > Bag, -2.90
Kiap + € = Kigy 293
Litag + & = Lig -3.05

<

syua%e Funnpal Suons




The value of a cell potential depends on what half-reactions are taking place in the two compartments of the cell. The cell potential measured under standard conditions, E°cell (25°C, 1 M concentrations, and 1 atm pressures), is the standard cell potential or standard emf. For the zinc and copper voltaic cell in Figure 20.5, E°cell is 1.10 V. That is for the reaction

[image: image335.png]Zu(s)+ Cu™(ag, 1M ) = Zn ™ (ag, 1 M) + Cu(s)




at 25°C, where the concentrations of copper and zinc ions are both 1 M.

Such potentials can be measured experimentally, but many of them can be calculated from tabulated standard reduction potentials, E°red values.

[image: image336.png]o0 = E2, (cathode) - EZ, (anode)




In order to calculate the value of E°cell for the Zn/Cu cell, we locate the pertinent half-reactions on the table. (Note that all of the half-reactions are tabulated as reductions, even though when two are coupled, one must occur in the reverse sense as an oxidation.)

[image: image337.png]Cu™(ag) +2e” = Cu(s)



E°red = 0.34 V

[image: image338.png]Zn* (ag) + 267 = Zn(s)



E°red = - 0.76 V

 

We have already seen that in this cell, oxidation occurs at the zinc electrode, making it the anode. The copper electrode is the cathode. 
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The more positive the standard cell potential, the greater the driving force for electrons to flow from the anode to the cathode. Because the cathode of a voltaic cell is always the half-reaction with the more positive (or less negative) standard reduction potential, the standard cell potential of a voltaic cell is always positive.

The standard reduction potentials for the various half-reactions are measured against a standard hydrogen electrode (SHE). The half-reaction of interest and the SHE, both under standard conditions, are made into a voltaic cell, and the cell potential is measured experimentally. The standard potential of the standard hydrogen electrode's half-reaction is arbitrarily assigned a value of zero, so the measured potential corresponds to the half-reaction being evaluated.

Essential knowledge: 
	ENE–6.A.1 Each component of an electrochemical cell (electrodes, solutions in the half-cells, salt bridge, 
                    voltage/current measuring device) plays a specific role in the overall functioning of the cell. 
                    The operational characteristics of the cell (galvanic vs. electrolytic, direction of electron flow, 
                    reactions occurring in each half-cell, change in electrode mass, evolution of a gas at an electrode, 
                    ion flow through the salt bridge) can be described at both the macroscopic and particulate levels.

	ENE–6.A.2 Galvanic, sometimes called voltaic, cells involve a thermodynamically favored reaction, whereas 
                    electrolytic cells involve a thermodynamically unfavored reaction. Visual representations of 
                    galvanic and electrolytic cells are tools of analysis to identify where half-reactions occur and in what 
                    direction current flows.

	ENE–6.A.3 For all electrochemical cells, oxidation occurs at the anode and reduction occurs at the cathode.



It is possible to use standard reduction potentials to predict whether or not a given oxidation-reduction reaction will be spontaneous. For instance, will copper solid be oxidized by a solution containing iron(II) ions?

[image: image340.png]Cu(s)+Fe™ (ag,1 M)—>Fe(s)+Cu™ (ag,1 M) 17




To determine the answer, we calculate the standard cell potential for the cell as we have described it. In our description, copper is being oxidized so the copper electrode is the anode. Iron is being reduced, making the iron electrode the cathode. E°red values for the two half-reactions are:
[image: image341.png]Cu™(ag) +2e” = Cu(s)



                     Ered = 0.34 V

[image: image342.png]Fe™*(ag) + 26~ = Fe(s)



                       Ered = - 0.44 V
The standard cell potential for such a voltaic cell would be

[image: image343.png]B2y = -044V -(0.34V)





The negative E°cell tells us that this reaction, as written, will not be thermodynamically favored. 
Essential knowledge: 
	ENE–6.B.1 Electrochemistry encompasses the study of redox reactions that occur within electrochemical cells. 
                   The reactions are either thermodynamically favored (resulting in a positive voltage) or 
                   thermodynamically unfavored (resulting in a negative voltage and requiring an externally applied 
                   potential for the reaction to proceed).

	ENE–6.B.2 The standard cell potential of electrochemical cells can be calculated by identifying the oxidation and 
                    reduction half-reactions and their respective standard reduction potentials.

	ENE–6.B.3 ∆Go (standard Gibbs free energy change) is proportional to the negative of the cell potential for the 
                    redox reaction from which it is constructed. Thus, a cell with a positive Eo involves a thermodynamically 
                    favored reaction, and a cell with a negative Eo involves a thermodynamically unfavored reaction.
                     EQUATION:  ΔGo = –nFEo


	ENE–6.C.1 In a real system under nonstandard conditions, the cell potential will vary depending on the 

                    concentrations of the active species. The cell potential is a driving force toward equilibrium;
                    the farther the reaction is from equilibrium, the greater the magnitude of the cell potential.
ENE–6.C.2 Equilibrium arguments such as Le Châtelier’s principle do not apply to electrochemical systems, 
                    because the systems are not in equilibrium.

	ENE–6.C.3 The standard cell potential Eo corresponds to the standard conditions of Q = 1. As the system 
                    approaches equilibrium, the magnitude (i.e., absolute value) of the cell potential decreases, 
                    reaching zero at equilibrium (when Q = K). Deviations from standard conditions that take the cell 
                    further from equilibrium than Q = 1 will increase the magnitude of the cell potential relative to Eo. 
                    Deviations from standard conditions that take the cell closer to equilibrium than Q = 1 will decrease 
                    the magnitude of the cell potential relative to Eo. In concentration cells, the direction of spontaneous 
                    electron flow can be determined by considering the direction needed to reach equilibrium.


Our ability to predict the spontaneity of a chemical reaction by calculating a standard cell potential points to a relationship between the sign of E°cell and the sign of [image: image344.png]


G° , the standard change in Gibbs free energy. Quantitatively, this relationship is expressed as

[image: image345.png]AG®
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where n is the number of moles of electrons transferred in the reaction, and F, called Faraday's constant, is the quantity of electrical charge on a mole of electrons. (The quantity of charge on a mole of electrons and a faraday (F) are used interchangeably.) 
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Both n and F are always positive numbers. Therefore, a positive value for E° will always correspond to a negative value for [image: image347.png]


G° , both denoting a spontaneous reaction. The relationship between cell potential and free energy change holds at conditions other than standard, as well.

[image: image348.png]AG=-nFE




Essential knowledge: 
ENE-6.C.4 Algorithmic calculations using the Nernst equation are insufficient to demonstrate an understanding  

                    of electrochemical cells under nonstandard conditions. However, students should qualitatively 
                    understand the effects of concentration on cell potential and use conceptual reasoning, including the 
                    qualitative use of the Nernst equation:     EQUATION:  E = Eo – (RT/nF) ln Q
to solve problems.Just as the values of [image: image349.png]


G and [image: image350.png]


G° were related, the values of E and E° are related. The Nernst equation derives from the relationship between [image: image351.png]


G and [image: image352.png]


G° .  (Remember Q is the reaction quotient)
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(Remember Q is the reaction quotient)

Substituting - nFE for [image: image354.png]


G  and solving for E gives The Nernst Equation:
[image: image355.png]E=E"




The Nernst equation is most commonly expressed in terms of log (base 10) rather than ln (natural log).
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When the temperature is 298 K, this expression simplifies to
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     (T = 298 K) 
Since at equilibrium E = 0 and Q = K, we can rewrite the above equation to:
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Electrolysis
A voltaic cell is one in which a spontaneous chemical reaction is used to generate a voltage. Electrolysis is the use of a voltage to drive a nonspontaneous reaction. Reactions that are driven by an externally supplied voltage are called electrolysis reactions, and electrochemical cells designed for the purpose of carrying out electrolysis reactions are called electrolytic cells.
Sodium metal is produced commercially by electrolysis of molten sodium chloride. Electrodes are immersed in molten sodium chloride, and a voltage source drives electrons from the anode to the cathode. Sodium is reduced at the cathode to molten sodium metal. Chloride ions are oxidized to chlorine gas at the anode.

	Cathode:
	[image: image359.png]2Na* (1)+2e~ = 2Na(l)




	E°red = - 2.71 V

	Anode:
	[image: image360.png]2C17 (1)=>Cl, (g)+2e”




	E°red = 1.36 V

	 
	[image: image361.png]2Na* (1)+2C1~ (1) 2Na(2)+Cl, (g)




	E°cell = - 4.07 V 


Recall that a negative cell potential means that the reaction is nonspontaneous. The value of the cell potential tells us that a minimum of 4.07 volts must be applied to the cell to drive the reaction in the desired direction.
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Essential knowledge:
	ENE–5.B.1 An external source of energy can be used to make a thermodynamically unfavorable process occur. 
                    Examples include:
                    a. Electrical energy to drive an electrolytic cell or charge a battery.

                    b. Light to drive the overall conversion of carbon dioxide to glucose in photosynthesis.

	ENE–5.B.2 A desired product can be formed by coupling a thermodynamically unfavorable reaction that produces 
                    that product to a favorable reaction (e.g., the conversion of ATP to ADP in biological systems). 
                    In the coupled system, the individual reactions share one or more common intermediates. The sum of 
                    the individual reactions produces an overall reaction that achieves the desired outcome and has ΔGo < 0.


Electroplating

Electroplating is an electrolytic process used to deposit a thin layer of one metal on another. In such a process the metal to be deposited is used as the anode, and the metal on which the deposit is to be made is the cathode.  When the electrode in an electrolytic cell is involved in the reaction, it is called an active electrode. When the same metal is to be oxidized from the anode and reduced (deposited) at the cathode, the standard cell potential is zero. It therefore requires only a very small voltage to drive such a process.

Essential knowledge:
ENE–6.D.1 Faraday’s laws can be used to determine the stoichiometry of the redox reaction occurring in an 
                    electrochemical cell with respect to the following:
                    a. Number of electrons transferred

                    b. Mass of material deposited on or removed from an electrode

                    c. Current

                    d. Time elapsed

                    e. Charge of ionic species

                                                                    EQUATION:  I = q/t
Using stoichiometry, we can relate the amount of metal deposited in an electroplating process to the current and the length of time for which the current is applied.

The charge passing through an electrolytic cell is measured in coulombs.

[image: image363.png]amps x seconds




Recall that a faraday, F, is the charge on a mole of electrons.

[image: image364.png]96,500 C / mol




EXAMPLE:

In order to plate out a mole of copper metal from a solution of copper sulfate requires 2 moles of electrons.
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How many grams of copper would be reduced by the application of 5.00 amps to a solution of copper sulfate for 35.0 minutes? 
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Electrochemistry- Problem Set

l. For the reaction: 2 Fe + 3 CdCl2 <=====> 2 FeCl3 + 3 Cd, which statement is true?

a)  Fe is the oxidizing agent

b)  Cd undergoes oxidation

c)  Cd is the reducing agent

d) Fe undergoes oxidation

2. What is the potential in volts for the spontaneous reaction between the Ag/Ag+ and Zn/Zn+2 half-cells? 

Zn2+ + 2 e- (  Zn     (E° = -0.763 V); Ag+ + e- ( Ag     (E°= 0.799 V)

a) -2.361 V 

b) -1.562 V 

c) 1.562 V 

d) 2.361 V

3. What is the oxidation state of arsenic in H3AsO3? 

a) +1 


b)  +3 


c)  +5 


d)  +7

4. When the reaction below is balanced, what is the coefficient of H+?

MnO4-   +   NO2-   +    H+ ----->   MnO2   +   NO3-    +   H2O

a) 2 


b)  4 


c)  6 


d)  8

5. What is the [Cu2+] in the cell Zn / Zn2+ (0.05M) // Cu2+ (? M) / Cu if the cell voltage is 1.03V?

Zn2+ + 2 e- (  Zn     (E° = -0.763 V);   Cu2+ + 2 e- (  Cu    (E° = 0.337 V)

a) 0.12 M

b)  0.0002 M 

c)  0.05 M 

d)  0.0035

6. 10 amps are passed through molten aluminum chloride for 5.5 hours. How many grams of aluminum

metal could be produced by this electrolysis?

a) 18.5 g

b)  55.4 g 

c) 91.2 g 

d)  273 g

7.  In the electroplating of silver from cyanide solution, the cathode reaction is:

Ag(CN)2-   +   1 e-    (    Ag (s) + 2 CN-
How many grams of silver should be deposited by a current of 4.5 A in 28.0 minutes?

a) 0.141 g

b)  4.23 g 

c) 8.46 g 

d)  12.53 g

.

8.  Given the standard electrode potentials:

Ni2+ + 2 e- (  Ni(s)   (E ° = -0.23 V);  
Cr3+ + 3 e-  (   Cr(s) (E ° = -0.74 V)

Which pair of substances with react spontaneously?

a) Ni2+ with Cr3+  
b)  Ni with Cr3+  
c) Ni2+  with Cr 
d) Ni with Cr

9. Aluminum oxide may be electrolyzed at 1000°C to furnish aluminum metal. 

The cathode reaction is: Al3+ + 3 e-  (   Al
To prepare 5.12 kg of aluminum metal would require how many coulombs of electricity?

a) 5.49 x 107 C
b) 1.83 x 107 C
c) 5.49 x 104 C
d) 5.49 x 101 C

10. The electrolysis of molten sodium chloride is carried out in an electrochemical cell.

a) Write the balanced half-cell reactions that occur at each electrode, indicating whether each takes

place at the anode or cathode.

b) If a current of 1.06 amps is used, how long will it take to make 1.00 L of Cl2(g) at 24°C 

and 742 mm Hg?

c) Calculate K and G° for this system.

11. A voltaic cell is designed using the following reaction: Zn + 2 Ag+ ( Zn+2 + 2 Ag
a) Determine the standard voltage, E°, for this reaction.

b) Suppose the concentration of Zn+2 in the Zn/Zn+2 half-cell is maintained at l.00 M. Excess

hydrochloric acid is added to the Ag/Ag+ half-cell, precipitating AgCl and making the concentration of Cl- = 0.100 M. Under these conditions, the cell voltage is found to be 1.04 V. Calculate the concentration of Ag+ in the Ag/Ag+ half-cell.

c) Use the information in (b) to calculate the Ksp of AgCl.

12. An electrochemical cell consists of a nickel electrode in an acidic solution of l.00-molar Ni(NO3)2
connected by a salt bridge to a second component with an aluminum electrode in an acidic solution of

l.00-molar AlCl3.

a) Write an equation for the half-cell reaction occurring at each electrode. Indicate whether each reaction

occurs at the anode or the cathode.

b) Write a net ionic equation for the overall spontaneous cell reaction that occurs when the circuit is

complete. Calculate the standard voltage, E°, for this reaction.

c) Calculate the change in voltage when the cell described above has initial concentrations of 

0.500 molar Ni(NO3) 2 and 0.750 molar AlCl3.

13.  E° = 1.101 volt at 25°C. for the reaction: M(s) + Cu2+(aq)   (   M2+(aq)  + Cu (s)
a) Determine the standard electrode potential for the reduction half-reaction: M2+ + 2 e-   (   M  
b) A cell is constructed in which the reaction above occurs. All substances are initially in their standard

states, and equal volumes of the solutions are used. The cell is then discharged. Calculate the value of the cell potential, E, when [Cu2+] has dropped to 0.20 molar.

Unit 13 – Electronic Structure

Learning Objectives
	SAP-1.A Represent the electron configuration of an element or ions of an element using the Aufbau principle.

SAP-1.B Explain the relationship between the photoelectron spectrum of an atom or ion and:

                a. The electron configuration of the species.

                b. The interactions between the electrons and the nucleus. 
SAP-8.A Explain the relationship between a region of the electromagnetic spectrum and the types of 
                molecular or electronic transitions associated with that region. 

SAP-8.B Explain the properties of an absorbed or emitted photon in relationship to an electronic transition in 
                an atom or molecule.


Essential knowledge: 
	SAP-1.A.1 The atom is composed of negatively charged electrons and a positively charged nucleus that is 
                   made of protons and neutrons.
SAP-1.A.3 In atoms and ions, the electrons can be thought of as being in “shells (energy levels)” and 
                   “subshells (sublevels),” as described by the electron configuration. Inner electrons are called core 
                   electrons, and outer electrons are called valence electrons. The electron configuration is explained 
                   by quantum mechanics, as delineated in the Aufbau principle and exemplified in the periodic table 
                   of the elements. 

SAP-1.A.4 The relative energy required to remove an electron from different subshells of an atom or ion or 
                   from the same subshell in different atoms or ions (ionization energy) can be estimated through a   

                   qualitative application of Coulomb’s law. This energy is related to the distance from the nucleus  

                   and the effective (shield) charge of the nucleus. 
SAP-1.B.1 The energies of the electrons in a given shell can be measured experimentally with photoelectron 
                   spectroscopy (PES). The position of each peak in the PES spectrum is related to the energy 
                   required to remove an electron from the corresponding subshell, and the height of each peak is 
                   (ideally) proportional to the number of electrons in that subshell.



When we say "light," we generally are referring to visible light—a type of electromagnetic radiation. Visible light constitutes a very small segment of the electromagnetic spectrum, which is composed of various types of electromagnetic radiation in order of increasing wavelength. Other types of electromagnetic radiation in this spectrum include microwave, infrared, and ultraviolet radiation.

Essential knowledge: 
SAP-8.B.1 When a photon is absorbed (or emitted) by an atom or molecule, the energy of the species is 
                   increased (or decreased) by an amount equal to the energy of the photon.
SAP-8.B.2 The wavelength of the electromagnetic wave is related to its frequency and the speed of light. The 
energy of a photon is related to the frequency of the electromagnetic wave through Planck’s equation.   (See next page).

All types of electromagnetic radiation share certain characteristics. All have wavelike characteristics—similar to those of waves moving through water—including frequency and wavelength. All move through a vacuum at the "speed of light," which is 3.00 [image: image371.png]


108 m/s. For any electromagnetic radiation, the wavelength, frequency, and speed of light are related by the equation

[image: image372.png]



Where v (nu) is the frequency of the radiation in reciprocal seconds (s–1),  (lambda) is the wavelength in meters, and c is the speed of light in meters per second.  Based on the above equation, we can see that as wavelength increases, frequency decreases.  The visible spectrum of light (ROYGBIV) ranges from red at about 700 nm to violet at about 400 nm.  (Note a nanometer (nm) is 1 x10-9 meters).

Although matter was believed to consist of tiny particles called atoms prior to the start of the twentieth century, energy was considered to be "continuous." In 1900 Max Planck proposed that, like matter, energy is quantized; in other words, it consists of tiny, discrete amounts. He termed the smallest "particle" of energy that can be emitted or absorbed as electromagnetic radiation the quantum. Planck's theory was revolutionary, but it enabled scientists to reconcile some observations that could not be explained by classical physics. According to Planck's theory, the energy of radiation is directly proportional to its frequency.
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E is the energy of a single quantum, and h is Planck's constant (6.63 [image: image374.png]


1034J s).  Albert Einstein coined the term photon to refer specifically to a quantum of radiant energy (electromagnetic radiation carries energy through space, and is therefore also known as radiant energy).

For many years scientists have used flame tests to verify the presence of certain elements in compounds. Sodium, for example, gives off a characteristic yellow color when burned. Potassium burns with a violet flame.

The colored light given off in these tests can be separated with a prism into its component wavelengths, just as sunlight can be separated into a rainbow or visible spectrum. An important difference is that the rainbow is a continuous spectrum—a spectrum containing light of all wavelengths—while the colored light of a flame separates into a line spectrum, which consists of only a few specific wavelengths.

Essential knowledge: 
	SAP-8.A.1 Differences in absorption or emission of photons in different spectral regions are related to the 
                  different types of molecular motion or electronic transition: 

                  a. Microwave radiation is associated with transitions in molecular rotational levels. 

                  b. Infrared radiation is associated with transitions in molecular vibrational levels. 
                  c. Ultraviolet/Visible radiation is associated with transitions in electronic energy levels.




The line spectrum of hydrogen contains four visible lines.
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     THE INFORMATION ON THIS PAGE WILL NOT BE ASSESSSED ON THE AP EXAM

Although the existence of these lines had been known for many years, they were not explained until early in the twentieth century. Building on the work of Planck and Einstein, Niels Bohr applied quantum theory to explain the line spectrum of hydrogen in terms of the behavior of the electron in a hydrogen atom.

Bohr proposed that the electron in a hydrogen atom could circle the nucleus only in specific orbits designated by a quantum number n. The quantum number can have integer values, with n = 1 corresponding to the orbit closest to the nucleus. He showed the relationship between the value of n and the energy of an electron is
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RH is the Rydberg constant (2.18 [image: image377.png]


10–18J). The energy of an electron is, by convention, a negative number. When an electron resides in the orbit designated by n = 1, it is said to be in the ground state. This is the lowest possible energy level in which hydrogen's electron can exist. If hydrogen's electron is in a higher energy (less negative) orbit, with n greater than 1, the atom is said to be in an excited state. Bohr assumed that the electron could "jump" from one allowed energy state to another by absorbing or emitting photons of radiant energy of certain frequencies. He described the lines in the hydrogen spectrum as the energy given off when an electron in an excited state returns to the ground state. A flame or the application of high voltage imparts energy to the electron in a hydrogen atom and promotes it to an orbit of higher n value. When the excited state electron returns to the ground state, it releases the excess energy in the form of visible light. The frequency of this emitted radiant energy corresponds exactly to the energy difference between the two states.

Using his equation for the energy of an electron, Bohr calculated the energy change and the frequency associated with changing values of the quantum number n.
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Using this relationship, Bohr was able to show that the visible line spectrum of hydrogen was due to the transitions of electrons in hydrogen atoms from n = 6 to n = 2, n = 5 to n = 2, n = 4 to n = 2, and n = 3 to n = 2.

For the transition from n = 5 to n = 2
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The negative sign indicates that this frequency light is emitted when an electron goes from n = 5 to n = 2. (If an electron were to go from n = 2 to n = 5, light of the same frequency would be absorbed.) This corresponds to the 434.8-nm line in the hydrogen line spectrum. Thus, energy must be absorbed for an electron to move to a higher energy state, and radiant energy is emitted when an electron drops to a lower energy state.

Essential knowledge: 
SAP-1.A.2 Coulomb’s law is used to calculate the force between two charged particles. 
                   Equation: F=kq1q2/r2
The attractive or repulsive force between two particles is dependent on the distance (r) between the particles, and the sign and magnitude of charges on either particle (q). This equation states that greater distance (r) between the charges will result in less force, while a greater magnitude of charge (q) will yield greater force. When the charges have opposite sign, the force is attractive (negative F), while if both charges have the same sign, the force is repulsive (positive F). 

Coulomb's law describes atoms and orbital energies: In most cases, the attractive force between an electron and a nucleus is much stronger than the repulsive force between electrons. In this discussion, we will focus on the more important attractive force between electrons and nuclei. In an atom, the orbital and subshell define how close an electron can approach the nucleus.  This is the r value in Coulomb's law. The closer an electron is to a nucleus, the stronger the attractive force.  Likewise, the greater the nuclear charge, the stronger the attractive force. 
In a many-electron atom, repulsions between electrons result in differences in orbital energies within an electron shell. In effect, electrons are shielded from the nucleus by other electrons. The attraction between an electron and the nucleus is diminished by the presence of other electrons. Instead of the magnitude of attraction being determined by the nuclear charge, in a many-electron system the magnitude of attraction is determined by the effective nuclear charge Zeff. This is the diminished nuclear charge that is felt by the electrons in orbitals with principal quantum number 2 and higher.  
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Z is the nuclear charge (atomic number), and S is the average number of electrons between the nucleus and the electron in question. The result is that orbital energies in many-electron atoms depend not only on the value of n, but also on the value of l. Within a shell, subshells of higher l value have higher energies.
The Pauli exclusion principle states that no two electrons in an atom can have the same set of four quantum numbers: n, l, ml, and ms. Thus, for two electrons to occupy the same orbital, one must have ms = + ½ and the other must have ms = – ½.
The arrangement of electrons within the orbitals of an atom is known as the electron configuration. The most stable arrangement is called the ground-state electron configuration. Hund's rule states that for orbitals with the same energy, the electrons will occupy single orbitals before pairing up.

The Aufbau principle states that electrons must fill up from lowest energy orbitals that can receive them.  That is why the 4s orbitals come before the 3d orbitals.  4s orbitals are slightly lower in energy then 3d orbitals, even the though the 4s is considered a higher energy level.  There are also some exceptions to the Aufbau principle:  

1.  Cr, Mo and W, according to Aufbau, would have a d4s2.  However, it has been found that ½ filled sublevels 

are more stable and therefore there electron configurations are d5s1.  

2.  Cu, Ag, and Au, according to Aufbau, would have a d9s2.  However, it has been found that a completely 

filled d-sublevel is more stable and therefore there electron configurations are d10s1.

Lastly, whenever a atom or ion has at least one unpaired electron it is called paramagnetic.  These types of substances are attracted to magnetic fields.  If all of an atom or ions electrons are paired, it is called diamagnetic.   These types of substances are repelled by magnetic fields.
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Quantum Numbers
QUANTUM NUMBERS WILL NOT BE ASSESSSED ON THE AP EXAM
Heisenberg stated in his “Uncertainty Principle” that it is inherently impossible to know simultaneously both the exact momentum of the electron and its exact location in space.  In Bohr's model of the atom a single quantum number described an orbit in which an electron could exist. In the quantum mechanical model of the atom, four quantum numbers are required to describe what is now called an orbital.

1. The principal quantum number, n, can have positive integer values. (1, 2, 3, . . . ). The principal quantum number determines the size of the orbital or the energy level. 

2. The second or azimuthal quantum number, l, can have integer values from 0 to n–1. The value of l determines the shape of the orbital. Each value of l has a letter associated with it to designate orbital shape. 

	Value of l
	0
	1
	2
	3

	Letter used
	s
	p
	d
	f


3. The magnetic quantum number, ml, can have integer values from –l through +l. The magnetic quantum number determines the orbital's orientation in space.

Each value of n defines an electron shell. Within a shell, each value of l defines a subshell. Within a subshell, each value of ml defines an individual orbital.
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1. The shell with principal quantum number n will consist of exactly n subshells. Each subshell corresponds to a different allowed value of l from 0 to n–1. Thus, the first shell (n = 1) consists of only one subshell, the 1s (l = 0); the second shell (n = 2) consist of two subshells, the 2s (l = 0) and 2p (l = 1); the third shell consists of three subshells, 3s, 3p, 3d, and so forth.

2. Each subshell consists of a specific number of orbitals. Each orbital corresponds to a different allowed value of ml. For a given value of l, there are 2l + 1 allowed values of ml, ranging from –l to l. Thus, each s (l = 0) subshell consists of one orbital; each p (l = 1) subshell consists of three orbitals; each d (l = 2) subshell consists of five orbitals, and so forth.

3. The total number of orbitals in a shell is n2, where n is the principal quantum number of the shell. 

4.  In the quantum mechanical model of the atom, each orbital can accommodate two electrons. Electrons possess an intrinsic property known as electron spin. In order to distinguish the two electrons in a single orbital, we must use a fourth quantum number, the electron spin quantum number.  The electron spin quantum number, ms, can have values of + ½ and – ½. 

Electronic Structure -  Problem Set


Given the following list of atomic and ionic species, find the appropriate match for questions 1 – 4.


a)  Fe2+

b)  Cl


c)  K+


d)  Cs


e)  Hg+

1.  Has the electron configuration 1s22s22p63s23p63d6.

2.  Has a noble gas electron configuration.

3.  Has electrons in f orbitals

4.  Is isoelectronic with gold

5.  Which of the following combinations of particles represents an ion net charge of -1 and has a mass​​​ 

number of 82?

a)  46 neutrons, 35 protons, 36 electrons

b)  46 neutrons, 36 protons, 35 electrons

c)  46 neutrons, 36 protons, 36 electrons

d)  47 neutrons, 35 protons, 35 electrons

e)  47 neutrons, 35 protons, 36 electrons


6.  For a neutral As atom in the ground state, how many electrons have quantum numbers n = 4, l = 1? 

a)  2


b)  3

c)  4


d)  5


e)  6
7.  Which electron configuration is impossible?

a)  1s22s22p6
b)  1s22s22p3
c)  1s22s22p63s1
d)  1s22s22p63s2
e)  1s22s22p62d2


8.  Which set of quantum numbers (n,l,ml,ms) represents the outermost electron in an aluminum atom?

a)  2, 1, 0, +½ 

b)  2, 1, -1, +½ 

c)  3, 0, 0, +½ 

d)  3, 1, -1, +½ 


9.  Which species is paramagnetic in the gaseous state?

a)  Cr​+3

b)  Zn+2


c)  Sn​+2

d)  Al+3

10.  How many unpaired electrons are found in the ground state of a sulfur atom? 

a)  0


b)  2



c)  4


d)  6


11.  The most stable electron configuration for Mn+2 is:

a)  [Ar] 4s23d3

b)  [Ar] 3d5

c)  [Ar] 4s13d5


d)  [Ar] 4s13d4



12.  What is the wavelength of radiation emitted from a mercury arc sunlamp if the frequency of the 

radiation is about 1.2 x 1015 sec-1?   (c = 3.0 x 1010 cm/sec)

a)  2.0 x 10-5 cm
b)  4.0 x 10-4 cm
c)  2.5 x 10-6 cm

d)  2.5 x 10-5 cm

13. The 1st line in the hydrogen spectrum is dark purple with a wavelength of 410.18 nm.  Calculate:

a)  the frequency of this light

b)  the change in energy that produces this color  (h = 6.626 x 10-34 J.s/ particle)








  (c = 3.0 a 108 m/sec)

14. An electron in a hydrogen atom gets excited to the 3rd energy level and then falls to back down to 

the1st energy level.  

a)  How much energy was released from this transition?  

b)  What is the frequency of this transmission?

c)  What is the wavelength of this transmission in nanometers?

d)  Would you be able to see the color of this transmission?

Unit 14 – Periodic Table and Properties

Learning Objectives

	SAP-2.A Explain the relationship between trends in atomic properties of elements and electronic structure and 
                periodicity. 
SAP-2.B Explain the relationship between trends in the reactivity of elements and periodicity.



Elements display periodicity in their properties when the elements are organized according to increasing atomic number. This periodicity can be explained by the regular variations that occur in the electronic structures of atoms. Periodicity is a useful principle for understanding properties and predicting trends in properties. Its modern-day uses range from examining the composition of materials to designing new materials.  Although a simple shell model is not the currently accepted best model of atomic structure, it is an extremely useful model that can be used qualitatively to explain and/ or predict many atomic properties and trends in atomic properties. In particular, the arrangement of electrons into shells and subshells is reflected in the structure of the periodic table and in the periodicity of many atomic properties. Many of these trends in atomic properties are important for understanding the properties of molecules, and in being able to explain how the structure of the constituent molecules or atoms relates to the macroscopic properties of materials. Students should be aware that the shells reflect the quantization inherent in quantum mechanics and that the labels given to the atomic orbitals are examples of the quantum numbers used to label the resulting quantized states. Being aware of the quantum mechanical model as the currently accepted best model for the atom is important for scientific literacy. 

Essential knowledge: 
	SAP-2.A.1 The organization of the periodic table is based on the recurring properties of the elements and 
                   explained by the pattern of electron configurations and the presence of completely or partially 
                   filled shells (and subshells) of electrons in atoms. 

SAP-2.A.2 Trends in atomic properties within the periodic table (periodicity) can be qualitatively understood 
                   through the position of the element in the periodic table, Coulomb’s law, the shell model, and the 
                   concept of shielding/effective nuclear charge. These properties include:

       a. Ionization energy          b. Atomic and ionic radii

       c. Electron affinity            d. Electronegativity.

SAP-2.A.3 The periodicity is useful to predict /estimate values of properties in the absence of data.
SAP-2.B.1 The likelihood that two elements will form a chemical bond is determined by the interactions 
                   between the valence electrons and nuclei of elements. 
SAP-2.B.2 Elements in the same column of the periodic table tend to form analogous compounds.
SAP-2.B.3 Typical charges of atoms in ionic compounds are governed by their location on the periodic table 
                   and the number of valence electrons. 




The size of an atom is defined by its atomic radius.  As a particular group of elements is examined, it is found that the atomic radius of each successive element in that group increases. The reason for this is due to the fact that as you go down a group, the number of energy levels increases, thus the size of the atom increases.  However, as a particular period of elements is examined, it is found that the atomic radius of each successive element in that period generally decreases (though there are exceptions due to electron configuration irregularities). The reason for this is due to the fact that as you go across a period, the level of the atom’s electrons remains the same, but the number of protons in the nucleus of the atom increases; thereby increasing the “attractive force” on the electrons.  The end result is that the electrons get pulled in closer and the size of the atom gets smaller.  

The minimum amount of energy required to remove an electron from the ground state of an atom or ion in the gas phase is called the ionization energy. The first ionization energy of magnesium is represented by the equation:

[image: image384.png]Mg(g) — Mg*(g)+e”




Magnesium's second and third ionization energies are represented by
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The first ionization energy (I1) of magnesium is 738 kJ/mol. The second ionization energy (I2) is 1450 kJ/mol. Note that the amount of energy required increased for the second ionization. Because of coulombic (electron) attraction, it is more difficult to remove an electron from a positively charged ion than it is to remove one from a neutral atom. This third ionization energy of magnesium is 7730 kJ/mol. This represents a significant increase over the first two. The reason for this jump in ionization energy is that magnesium has only two valence electrons. The third ionization of magnesium removes an inner-shell, or "core," electron.  In other words, trying to remove a third electron from magnesium would be like trying to remove a first electron from neon.  Since both Ne and Mg+2 have a complete outer shell, neither one would want to give up its electrons. 

Again referring to the size of the atoms, it is found that the ionization energy of each successive element going down a group decreases. The reason for this is since the size of the atom increases going down a group, it is much easier to remove an outer electron.  The ionization energy of each successive element going across a period increases. The reason for this is since the size of the atom decreases going across a period, it is much harder to remove an outer electron.

Essentially the opposite of ionization, electron affinity is the energy required for the addition of an electron to an atom in the gas phase.
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Electron affinity increases as the value of [image: image389.png]


E becomes more negative.

Like the trend across the periodic table for first ionization energy, the trend in electron affinity is not smooth. Again, the irregularities can be explained in terms of electron configurations.

1. Electron affinities tend to increase (become more negative) from left to right across the periodic table. 

2. Electron affinities tend to remain fairly constant from top to bottom within a group. 

A more common term that is used when studying electronic trends is electronegativity.  This is the “desire” for an atom to gain electrons.  This is easier to comprehend then electron affinity because electronegativity is only a rating system.  The desire of an atom to gain electrons is rated from 0.0 to 4.0 (4.0 being the highest).  For example fluorine’s electronegativity is a 4.0 because it desperately wants to fill its outer shell.  Sodium, on the other hand has an electronegativity of only 0.9.

Metals and nonmetals are distinguished by a collection of physical and chemical properties.
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In addition, Group 1 and 2 metals are the most reactive and never found alone in nature.  The most reactive metals are found down and to the left of the periodic table.  The transition metals (Groups 3 -11) are unique because they produce colored compounds when made into salts.  This is due to their incomplete filling of their    d-electron orbitals.  Halogens are generally very reactive nonmetals.  The metalloids often share properties of both metals and nonmetals.  Though noble gases are generally considered unreactive, fluorine and oxygen can 

bond with krypton and xenon under specific conditions.  This is because of the high reactivity of the two most electronegative elements on the table, and their ability to remove electrons from almost any element.

Also remember from the previous Unit that in a many-electron atom, repulsions between electrons result in differences in orbital energies within an electron shell. The attraction between an electron and the nucleus is diminished by the presence of other electrons. Instead of the magnitude of attraction being determined by the nuclear charge, in a many-electron system the magnitude of attraction is determined by what was called the effective nuclear charge Zeff.  This explains why that atom Be has a smaller atomic radius than Li.
Semiconductors

Silicon is a covalent network solid and a semiconductor.  
1. Silicon forms a three-dimensional network similar in geometry to a diamond. 

2. Silicon’s conductivity increases as temperature increases. 

3. Periodicity can be used to understand why doping with an element with one extra valence electron converts silicon into an n-type semiconducting (negative charge carrying) material, while doping with an element with one less valence electron converts silicon into a p-type semiconducting (positive charge carrying) material. Junctions between n-doped and p-doped materials can be used to control electron flow, and thereby are the basis of modern electronics. 
Periodic Table and Properties - Problem Set

1.  Which of the following would not produce a colored solution?


a)  CuNO3 (aq)


b)  KMnO4 (aq)


c)  FeCl3 (aq)

d)  ZnBr2 (aq)


2.  Which of the following would have the smallest atomic radius?


a)  Li 



b)  Na



c) Mg


d)  Be

3.  Which of the following would be the smallest in size?


a)  Na+ 


b)  Mg+2


c) F-


d)  Ne

4.  Which of the following metals could only be produced by electrolysis of one of its salts? 


a)  Li 



b)  Al



c) Bi


d) Co

5.  Explain why The ionization energy of  Group 2 generally decreases down the group, but the ionization 

energy of period 2 generally increases across the period?

6.  Why is the 2nd ionization energy of sodium much greater then the second ionization energy of magnesium?  

7.  Which metal in period 3 would have the lowest 3rd ionization energy and why?

Unit 15 – Bonding and Intermolecular Forces

Learning Objectives

	SAP-3.A Explain the relationship between the type of bonding and the properties of the elements participating 
                in the bond.


SAP-3.B Represent the relationship between potential energy and distance between atoms, based on factors that 
                influence the interaction strength.
SAP-3.D Represent a metallic solid and/or alloy using a model to show essential characteristics of the structure 
                and interactions present in the substance.

SAP-4.A Represent a molecule with a Lewis diagram.
SAP-4.B Represent a molecule with a Lewis diagram that accounts for resonance between equivalent structures 
                or that uses formal charge to select between nonequivalent structures.
SAP-4.C Based on the relationship between Lewis diagrams, VSEPR theory, bond orders, and bond polarities:

                a. Explain structural properties of molecules.
                b. Explain electron properties of molecules.
SAP-5.A Explain the relationship between the chemical structures of molecules and the relative strength of their 
                intermolecular forces when:
                a. The molecules are of the same chemical species.
                b. The molecules are of two different chemical species.

SAP-5.B Explain the relationship among the macroscopic properties of a substance, the particulate-level 
                structure of the substance, and the interactions between these particles.
SPQ-3.C Explain the relationship between the solubility of ionic and molecular compounds in 
                aqueous and nonaqueous solvents, and the intermolecular interactions between particles.

TRA-1.D Explain the relationship between macroscopic characteristics and bond interactions for chemical and 

                 physical processes.
Essential knowledge: 
	SAP-3.A.1 Electronegativity values for the representative elements increase going from left to right across a 
                   period and decrease going down a group. These trends can be understood qualitatively through the 
                   electronic structure of the atoms, the shell model, and Coulomb’s law. 
SAP-3.A.2 Valence electrons shared between atoms of similar electronegativity constitute a nonpolar covalent 
                   bond. For example, bonds between carbon and hydrogen are effectively nonpolar even though 
                   carbon is slightly more electronegative than hydrogen. 
SAP-3.A.3 Valence electrons shared between atoms of unequal electronegativity make a polar covalent bond. 

                   a. The atom with a higher electronegativity will develop a partial negative charge relative to the 
                       other atom in the bond. 

                   b. In single bonds, greater differences in electronegativity lead to greater bond dipoles. 

                   c. All polar bonds have some ionic character, and the difference between ionic and covalent   

                       bonding is not distinct but rather a continuum.  
SAP–3.A.4 The difference in electronegativity is not the only factor in determining if a bond should be  

                    designated as ionic or covalent. Generally, bonds between a metal and nonmetal are ionic, and 

                    bonds between two nonmetals are covalent. Examination of the properties of a compound is the 

                    best way to characterize the type of bonding. 
SAP–3.A.5 In a metallic solid, the valence electrons from the metal atoms are considered to be delocalized 
                   and not associated with any individual atom.



The forces that hold atoms or ions together in compounds are called chemical bonds. Chemical bonds are the attractions of electrons and protons between atoms.  Chemical bonds can be classified as ionic, covalent, or metallic.  The reason why atoms bond is to lower their energy and become more stable species.

An ionic bond results from the powerful electrostatic forces that exist between oppositely charged ions. Ionic substances form readily between elements from the far left of the periodic table (metals) and elements from the far right of the periodic table (nonmetals). Metals tend to lose electrons to form cations (+), while nonmetals tend to gain electrons to form anions (-). Ionic substances are solids at room temperature.

When atoms are similar in their tendencies to lose/gain electrons, they share electrons to form a covalent bond. The most familiar examples of covalent bonds are found in the interactions of nonmetals. Substances held together by covalent bonds can be solids, liquids, or gases at room temperature.

Essential knowledge: 
SAP–3.D.1 Metallic bonding can be represented as an array of positive metal ions surrounded by delocalized 
                    valence electrons (i.e., a “sea of electrons”).
Essential knowledge: 
	SAP–3.B.1 A graph of potential energy versus the distance between atoms is a useful representation for 
                   describing the interactions between atoms. Such graphs illustrate both the equilibrium bond length 
                   (the separation between atoms at which the potential energy is lowest) and the bond energy 
                   (the energy required to separate the atoms).

	SAP–3.B.2 In a covalent bond, the bond length is influenced by both the size of the atom’s core and the 
                   bond order (i.e., single, double, triple). Bonds with a higher order are shorter and have larger 
                   bond energies.

	


When an atom gains one or more electrons, the resulting anion is larger than the original, neutral atom. Even with the added electrons going into the same electron shell as the existing valence electrons, the radius increases. This is caused by the increased electrostatic repulsions between the valence electrons.  Species held together by covalent bonds, such as molecules or polyatomic ions, can be illustrated using Lewis structures. In which electrons that are shared in a covalent bond are shown by lines and unshared electrons are written as dots.
A single line denotes the sharing of two electrons in a single bond. It is important to note that a single bond would have a bond order of 1 and would have a longer bond length than a double or triple bond.  Lewis structures can also be used to show multiple bonding in a molecule or polyatomic ion. A double line means that two pairs of electrons are shared in a double bond (bond order of 2), and a triple line means that three pairs of electrons are shared in a triple bond (bond order of 3).   The bond between hydrogen atoms in a hydrogen molecule is a nonpolar covalent bond, meaning that the electrons shared by the two atoms are shared equally. In most cases the sharing of electrons between two atoms is not equal. Unequal sharing of electrons constitutes a polar covalent bond. Atoms generally do not share electrons equally because of differences in their abilities to attract electrons toward themselves. The ability of an atom in a molecule to attract electrons to itself is called electronegativity. 

Essential knowledge: 
	SAP–4.A.1 Lewis diagrams can be constructed according to an established set of principles.

	SAP–4.B.1 In cases where more than one equivalent Lewis structure can be constructed, resonance must be 
                   included as a refinement to the Lewis structure. In many such cases, this refinement is needed to 
                   provide qualitatively accurate predictions of molecular structure and properties.

	SAP–4.B.2 The octet rule and formal charge can be used as criteria for determining which of several possible 
                   valid Lewis diagrams provides the best model for predicting molecular structure and properties.

	SAP–4.B.3 As with any model, there are limitations to the use of the Lewis structure model, particularly in cases 
                   with an odd number of valence electrons.


The electrons lost or gained in ionic bond formation and shared in covalent bond formation are the outermost or valence electrons. A Lewis symbol (also called an electron-dot symbol) can be used to show the valence electrons of an atom or ion. The number of valence electrons of any element is the same as the group number of the element in the periodic table. For example, the Lewis symbol for oxygen, a member of group 6A, shows 6 dots. The dots are placed around the symbol for the element; in the case of oxygen, around the O. A maximum of eight dots can be placed around a symbol, where each dot represents a valence electron.

Dots are placed above, below, to the left, and to the right of the element symbol. Each position can accommodate two electrons, and electrons are not "paired" until each of the four positions contains a single electron.

Atoms tend to lose, gain, or share enough electrons to achieve a noble-gas electron configuration. Chlorine, for example, gains one electron to become isoelectronic with argon. Sodium loses one electron to become isoelectronic with neon. When two chlorine atoms bond to form a chlorine molecule, each achieves a noble-gas electron configuration through sharing electrons in the covalent bond. 

These observations are summarized in the octet rule. Atoms tend to gain, lose, or share electrons until they are surrounded by eight valence electrons.

Essential knowledge: 
SAP–3.B.3 Coulomb’s law can be used to understand the strength of interactions between cations and anions.
                   a. Because the interaction strength is proportional to the charge on each ion, larger charges lead 

                       to stronger interactions.

                   b. Because the interaction strength increases as the distance between the centers of the ions 

                       (nuclei) decreases, smaller ions lead to stronger interactions.A measure of the magnitude of the electrostatic attractive forces in ionic compounds is the lattice energy. The lattice energy is defined as the energy required to convert a mole of an ionic solid into its constituent ions in the gas phase.  The amount of lattice energy in a crystal (such as a salt or a group of metal ions) is dependent on two things: the size of the ions and the charge of the ions.  The smaller the ions, the greater the lattice energy, and the larger the charge the ions have, the greater the lattice energy will be.  Therefore, a compound such as MgO would have a greater lattice energy than NaCl.  Mg+2 and O-2 ions are smaller in size than Na+1 and Cl-1 ions.  Also, The charges on magnesium and oxygen are double that of sodium and chloride.

When an atom loses one or more electrons, the resulting cation is smaller than the original, neutral atom. One reason for this is simply the removal of the outermost electron shell. The loss of an electron from a sodium atom, for instance, changes an atom with its outermost electrons in principal quantum level 3 to an ion with its outermost electrons in principal quantum level 2.

A quantitative measure of the polarity of the bond in a diatomic molecule is the dipole moment. When two charges of equal magnitude and opposite charge are separated by some distance, a dipole is established.
Drawing Lewis structures is an important first step toward understanding bonding in compounds. Use the following guidelines to practice drawing these structures. 

1. Sum the valence electrons from all atoms. For an anion, add an electron to the total for each negative charge. For a cation, subtract an electron for each positive charge. Don't worry about keeping track of which electrons come from which atoms. Only the total number is important. 

2. Write the symbols for the atoms to show which atoms are attached to which, and connect them with a single bond (a dash, representing two electrons). Chemical formulas are often written in the order in which the atoms are connected in the molecule or ion. When a central atom has a group of other atoms attached to it, the central atom is usually written first. 
3. Complete the octets of atoms bonded to the central atom. (Note hydrogen can have only two electrons.) 

4. Place any leftover electrons on the central atom, even if doing so results in more than an octet. 

5. If there are not enough electrons to give the central atom an octet, try multiple bonds. Use one or more of the unshared pairs of electrons in the atoms bonded to the central atom to form double or triple bonds. 

The skeleton for a Lewis structure is usually straightforward. Place in the center a unique atom of lowest electronegativity. On occasion, though, the two criteria (uniqueness and low electronegativity) do not give the same central atom. The N2O molecule is an example of this. Should the oxygen be in the center of the skeleton because it is the unique atom? Or should one of the nitrogen atoms be in the center because nitrogen is less electronegative than oxygen? To solve this problem, we use a formal charge analysis of the Lewis structures resulting from each possibility. The formal charge of an atom is its number of valence electrons minus the number of electrons associated with it in the Lewis structure. Associated electrons include nonbonding electrons and half of the bonding electrons.

Formal charge  = valence electrons - [nonbonding electrons +  bonds ]
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The possible Lewis-dot skeletons for N2O are                 
       
To determine which one is the better choice, we draw the possible Lewis structures for each and calculate the formal charge on each atom in each structure. Oxygen is a very electronegative atom. If there is to be a positive formal charge in this molecule, it will be on nitrogen, not oxygen. Therefore, the correct structure will be:
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As useful as it is, the octet rule is not always obeyed. The three main types of exceptions are
	
1. Molecules with an odd number of electrons
2. Molecules in which an atom has less than an octet
3. Molecules in which an atom has more than an octet


1. Molecules with an odd number of electrons
Molecules such as NO have an odd number of valence electrons and cannot obey the octet rule. When distributing the electrons in such a molecule, remember to distribute electrons first to the most electronegative element(s). Thus, oxygen has a complete octet in NO, while nitrogen does not.

:N =O:
2. Molecules in which an atom has less than an octet 
Another example is boron trifluoride, which can not have a complete octet because it only has three valence electrons to bond with.  Only when another atom or molecule donates its electrons to boron, then born can have its octet. 

	BF3
	BF3–NH3


3. Molecules in which an atom has more than an octet
Large atoms, those in the third period and beyond, can accommodate more than an octet of electrons. The sulfur atom in SF6 has 12 electrons around it. Like many elements, sulfur can obey the octet rule. But it doesn't have to obey it. (There are six electrons around each fluorine atom, but for the purpose of clarity, they are not shown in this structure.)
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The strength of a bond is measured by how much energy is required to break it. For instance, it requires 436 kJ/mol to turn 1 mol of H2(g) into 2 mols of H(g). This process requires the breaking of 1 mol of H–H bonds and the energy required to do it is called the H–H bond enthalpy. 
We can use the tabulated average bond enthalpies for the bonds broken and bonds formed to calculate the enthalpy of a reaction.  
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Essential knowledge: 
	SAP–4.C.1 VSEPR theory uses the Coulombic repulsion between electrons as a basis for predicting the 
                    arrangement of electron pairs around a central atom.

	SAP–4.C.2 Both Lewis diagrams and VSEPR theory must be used for predicting electronic and structural 
                    properties of many covalently bonded molecules and polyatomic ions, including the following:

                    a. Molecular geometry                                                     

                    b. Bond angles

                    c. Relative bond energies based on bond order     

                    d. Relative bond lengths (multiple bonds, effects of atomic radius)

                    e. Presence of a dipole moment

                    f. Hybridization of valence orbitals of the molecule

	SAP–4.C.3 The terms “hybridization” and “hybrid atomic orbital” are used to describe the arrangement of electrons

                    around a central atom. When the central atom is sp hybridized, its ideal bond angles are 180o; for sp2
                    hybridized atoms the bond angles are 120o; and for sp3 hybridized atoms the bond angles are 109.5o. 

	SAP–4.C.4 Bond formation is associated with overlap between atomic orbitals. In multiple bonds, such overlap 
                    leads to the  formation of both sigma and pi bonds. The overlap is stronger in sigma than pi bonds, 
                    which is reflected in sigma bonds having greater bond energy than pi bonds. The presence of a pi bond also prevents the rotation of the              

                    bond and leads to structural isomers.


VSEPR MODEL MOLECULAR SHAPES
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When a molecule forms, the electron pairs surrounding the central atom want to be as far apart from each other as possible.  The molecules will therefore form various shapes that accommodate this concept.  This theory is called the Valence Shell Electron-Pair Repulsion theory or VSEPR theory.  The VSEPR model is based on the electrostatic repulsion between like charges. The electron pairs in a molecule can be bonding pairs, which are shared by atoms in bonds, or nonbonding pairs (lone pairs). Both are negatively charged regions of electron density, and both will be referred to as electron domains. In fact, we will use the term electron domain to refer to a lone pair or a bond—whether that bond is single, double, or triple.  The arrangement of electron domains about a central atom is called the electron-domain geometry. The molecular geometry of a molecule (or ion) refers to the arrangement of the atoms only, disregarding any unpaired electron around the central atom.

In one example of an excited state, a beryllium atom has the two unpaired electrons it needs to form two covalent bonds. There is still a problem, though. If the Be–F bonds were to form by overlap of two different types of orbitals (s and p), the bonds would differ from one another in length and strength. Experimentally, the Be–F bonds are found to have identical lengths and identical strengths.

To explain this, we introduce the concept of hybridization—where hybrid orbitals are formed by mixing two or more atomic orbitals on an atom. We envision the 2s and occupied 2p orbitals blending to form two hybrid orbitals, which we designate sp hybrid orbitals.

The sp hybrid orbitals are shaped like lopsided p orbitals with one small lobe and one large lobe. Each contains a single electron and can be considered an electron domain. As such, they orient themselves about the beryllium atom just as any two-electron domains would orient themselves about a central atom. They point in opposite directions, imparting a linear geometry.
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Now we can visualize the formation of two identical bonds in BeF2.
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We can extend this model to explain the bonding in a molecule such as BCl3. The boron atom has only one unpaired electron in its ground state. By promoting one of the 2s electrons to an empty 2p orbital, we get the three unpaired electrons needed to form three covalent bonds.  These hybrid orbitals are designated sp2 hybrid orbitals because they result from the hybridization of one s orbital and two p orbitals.  We can explain the bonding in a tetrahedral molecule such as methane, CH4.  This forms four sp3 orbitals.  

The bonding in molecules with expanded octets can also be explained using hybridization. Consider the PCl5 molecule. Phosphorus has only three unpaired electrons in its ground state. In this case, promotion of an electron from 3s to 3p would not yield an additional unpaired electron.  Phosphorus, however, occurs in the third period where d orbitals are present. We can envision promotion of an electron to an empty d orbital, which would provide the necessary five unpaired electrons to explain the bonding in this molecule. Hybridization of one s orbital, three p orbitals, and one d orbital gives rise to five equivalent sp3d orbitals.

Similarly, six equivalent bonds in a molecule such as SF6 can be explained. In this case, to obtain the necessary number of unpaired electrons, we envision promotion of two electrons: one from the 3s orbital and one from a 3p orbital. Hybridization of one s, three p, and two d orbitals gives rise to six equivalent sp3d2 hybrid orbitals.

All of these hybridizations may seem a little confusing so here is a shortcut to figuring out the hybridization.  Count up the number of bonds and electron pairs that are attached to the central atoms and use the chart below:

Total # of bonds and paired electrons
Hybridization
2
  



    sp
3




   sp2
4




   sp3
5




 sp3d
6




sp3d2

We now take a closer look at the bonding in molecules with multiple bonds. Let's consider the ethylene molecule, C2H4. Its Lewis structure has a double bond between the carbon atoms and single bonds between carbon and hydrogen atoms. The single bonds are called 
sigma () bonds
. In a [image: image401.png]


bond the shared electron density lies directly along the axis between the two bonded nuclei.  A double bond actually consists of a sigma bond and a [image: image402.png]


bond. A 
pi () bond
 is a covalent bond in which the overlap regions lie above and below the internuclear axis. Unlike a [image: image404.png]


bond, in a [image: image405.png]


bond there is no probability of finding the electron on the internuclear axis; in other words, the electron density does not lie directly between the atoms. If a molecule has a triple bond, we say that the one of the bonds is a sigma bond and the other two are pi bonds.

Intermolecular forces
Intermolecular forces are the forces that exist between molecules; they are the attractive forces that hold together the particles of a liquid or a solid. They are typically much weaker than covalent or ionic bonds; in other words, it takes more energy to break the covalent bond between H and Cl than it does to vaporize HCl.

The strength of the intermolecular forces in a compound are reflected in its melting point and boiling point. The stronger the intermolecular forces, the more energy is required to overcome those forces in order to effect a phase change.

Essential knowledge: 
	SAP–5.A.1 London dispersion forces are a result of the Coulombic interactions between temporary, fluctuating 
                    dipoles. They are often the strongest net intermolecular force between large molecules.

                    a. Dispersion forces increase with increasing contact area between molecules and with 
                        increasing polarizability of the molecules.

                    b. The polarizability of a molecule increases with an increasing number of electrons in the molecule,
                        and the size of the electron cloud. It is enhanced by the presence of pi bonding.

                    c. “London dispersion forces” should NOT be used synonymously with “van der Waals forces."

	SAP–5.A.2 The dipole moment of a polar molecule leads to additional interactions with other chemical species.
                      a. Dipole–induced dipole interactions are present between a polar and nonpolar molecule. These forces are 

                          always attractive. The strength of these forces increases with the magnitude of the dipole of the polar 

                          molecule and with the polarizability of the nonpolar molecule.

                      b. Dipole–dipole interactions are present between polar molecules. The interaction strength depends on the 

                          magnitudes of the dipoles and their relative orientation. Interactions between polar molecules are typically 

                          greater than those between nonpolar molecules of comparable size because these interactions act in addition 

                          to London dispersion forces.

                      c. Ion-dipole forces of attraction are present between ions and polar molecules. These tend to be stronger than 

                          dipole–dipole forces.

	SAP–5.A.3 The relative strength and orientation dependence of dipole-dipole and ion-dipole forces can be 
                    understood qualitatively by considering the sign of the partial charges responsible for the molecular 
                    dipole moment, and how these partial charges interact with an ion or with an adjacent dipole.

	SAP–5.A.4 Hydrogen bonding is a strong type of intermolecular interaction that exists when hydrogen atoms 
                    covalently bonded to the highly electronegative atoms (N, O, and F) are attracted to the negative end 
                    of a dipole formed by the electronegative atom (N, O, and F) in a different molecule, or a different 
                    part of the same molecule.

	SAP–5.A.5 In large biomolecules, noncovalent interactions may occur between different molecules or 
                    between different regions of the same large biomolecule.


Forces that hold together molecules and atoms (both electrically neutral species) are referred to collectively as van der Waals forces. They include dipole-dipole attractive forces, hydrogen bonding, and London dispersion forces. Other types of intermolecular forces between particles include ion-ion attractive forces and ion-dipole attractive forces (important in solutions).
Dipole-dipole forces exist between neutral polar molecules. The positive end of one polar molecule is attracted to the negative end of another. The greater the polarity of the molecules, the stronger the attractions between them. For molecules of approximately the same size, boiling point increases with increasing dipole moment.

Hydrogen bonding occurs when hydrogen is bound to a small, very electronegative atom. It occurs in compounds with an N–H, O–H, or F–H bond, and is considered one of the strongest IMFs. The hydrogen is very attracted to small electronegative atoms with electron pairs. 

The intermolecular forces holding nonpolar atoms or molecules together are London dispersion forces. On average, a nonpolar molecule has a symmetrical distribution of electrons, with no partial positive or negative charge. At any given instant, though, the mobile electrons may be positioned in such a way as to create an instantaneous dipole moment.  The instantaneous partial positive charge attracts the electrons in a neighboring molecule toward itself, and the instantaneous partial negative charge repels electrons in another neighboring molecule. This influence causes induced dipoles in neighboring molecules. The instantaneous and induced dipole moments cause attractions between nonpolar molecules.

Essential knowledge: 
SAP–3.C.1 The cations and anions in an ionic crystal are arranged in a systematic, periodic 3-D array that 
                    maximizes the attractive forces among cations and anions while minimizing the repulsive forces.
An ion-dipole force exists between an ion and the partial charge on the end of a polar molecule. A polar molecule has an end with a partial negative charge and an end with a partial positive charge. The positive ends will orient themselves toward a negative ion, and the negative ends will orient themselves toward a positive ion. As with all electrostatic attraction, the magnitude of the attraction increases with the size of the charge (both on the ion and on the dipole).
Essential knowledge: 

	SAP–5.B.1 Many properties of liquids and solids are determined by the strengths and types of intermolecular 
                   forces present. Because intermolecular interactions are broken when a substance vaporizes, the vapor 
                   pressure and boiling point are directly related to the strength of those interactions. Melting points also 
                   tend to correlate with interaction strength, but because the interactions are only rearranged, in melting, 
                   the relations can be more subtle.

	SAP–5.B.2 Particulate-level representations, showing multiple interacting chemical species, are a useful means 
                   to communicate or understand how intermolecular interactions help to establish macroscopic properties.

	SAP–5.B.3 Due to strong interactions between ions, ionic solids tend to have low vapor pressures, high melting 
                   points, and high boiling points. They tend to be brittle due to the repulsion of like charges caused when 
                   one layer slides across another layer. They conduct electricity only when the ions are mobile, as when 
                   the ionic solid is melted or dissolved in water or another solvent.

	SAP–5.B.4 In covalent network solids, the atoms are covalently bonded together into a three-dimensional network 
                   (e.g., diamond) or layers of two-dimensional networks (e.g., graphite). These are only formed from 
                   nonmetals: elemental (e.g., diamond, graphite) or binary compounds of two nonmetals 
                   (e.g., silicon dioxide and silicon carbide). Due to the strong covalent interactions, covalent solids have 
                   high melting points. Three-dimensional network solids are also rigid and hard, because the covalent 
                   bond angles are fixed. However, graphite is soft because adjacent layers can slide past each other 
                   relatively easily.

	SAP–5.B.5 Molecular solids are composed of distinct, individual units of covalently-bonded molecules attracted 
                   to each other through relatively weak intermolecular forces. Molecular solids generally have a low 
                   melting point because of the relatively weak intermolecular forces present between the molecules. 
                   They do not conduct electricity because their valence electrons are tightly held within the covalent 
                   bonds and the lone pairs of each constituent molecule. Molecular solids are sometimes composed of 
                   very large molecules or polymers.

	SAP–5.B.6 Metallic solids are good conductors of electricity and heat, due to the presence of free valence 
                   electrons. They also tend to be malleable and ductile, due to the ease with which the metal cores can 
                   rearrange their structure. In an interstitial alloy, interstitial atoms tend to make the lattice more rigid, 
                   decreasing malleability and ductility. Alloys retain a sea of mobile electrons and so remain conducting.


SAP–5.B.7 In large biomolecules or polymers, noncovalent interactions may occur between different molecules 
                   or between  different regions of the same large biomolecule. The functionality and properties of  

                   such molecules depend strongly on the shape of the molecule, which is largely dictated by 
                   noncovalent interactions.
Network solids which are hard and insoluble solids with extremely high melting points.  These solids are held together by many covalent bonds in a giant network.  Examples are diamonds, silicon, sand (SiO2) and many other compounds made from group 14 elements.

Essential knowledge: 
	TRA–1.D.1 Processes that involve the breaking and/or formation of chemical bonds are typically classified as 
                    chemical processes. Processes that involve only changes in intermolecular interactions, such as 
                    phase changes, are typically classified as physical processes.

	TRA–1.D.2 Sometimes physical processes involve the breaking of chemical bonds. For example, plausible 
                    arguments could be made for the dissolution of a salt in water, as either a physical or chemical process, 
                    involves breaking of ionic bonds, and the formation of ion-dipole interactions between ions and solvent.


Phase Change Diagram and the Triple Point

As a gas is heated, it becomes more difficult to liquefy by applying pressure. The highest temperature at which a gas can be liquefied by application of pressure is the critical temperature. The pressure required to liquefy the gas at the critical temperature is the critical pressure. Above the critical temperature, a gas cannot be liquefied—no matter how great the pressure. A substance at a temperature and pressure above its critical temperature and pressure is referred to as a supercritical fluid. Supercritical fluids have properties intermediate between gases and liquids. This makes them very useful as solvents for extraction of one material from another. Now widely used in the food industry, supercritical fluids found their first large-scale application in the processing of decaffeinated coffee.

On the phase diagrams below you will see the triple point, the temperature and pressure at which all three phases of a substance are in equilibrium. Note that for a substance to melt (as water does) rather than sublime (as carbon dioxide does) at atmospheric pressure, the triple point must occur at a pressure lower than atmospheric pressure.

The phase diagram for water is actually somewhat unusual in that the phase boundary line between solid and liquid slopes backward, indicating that the melting point of water decreases with increasing pressure. Carbon dioxide's phase diagram is much more typical. Increasing pressure generally increases melting point.
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	Figure 11. 25. Phase diagram of (a) H2O and (b) CO2. The axes are not drawn to scale in either case.


Bonding and Intermolecular Forces - Problem Set

1.  Which of the following compounds exhibits resonance?


a)  SO2


b)  N2


c) CO2

d)  HCl

e) NH3

2.  Which of the following violates the octet rule?


a)  CO2

b)  PH3

c) PCl3

d)  PCl5

e) SO3

3.  Which of the following has the shortest oxygen-oxygen bond?


a)  O2


b)  O3


c) O22-

d)  H2O

e) OH-

4.  Which of the following is a radical?


a)  N2O

b)  NO2-

c) NO2+
d)  NO



5.  Which of the following shows pi bonding?


a)  H2O

b)  OF2

c) HCN
d)  NH3

e) CCl4

6.  Which of the following exhibits sp3d2 hybridization?


a)  SO2


b)  SF6


c) CH4

d)  NH3

e) PCl5

7.  When carbon undergoes sp2 hybridization, it forms:

a)  four sigma bonds



d)  one sigma bond and three pi bonds


b)  three sigma bonds and one pi bond
e) four pi bonds



c)  two sigma bonds and two pi bond


8.  Which of the following molecules had triangular bipyramidal geometry?


a)  PF5


b)  H2O

c) SF6

d)  ClF3

e) XeF2

9.  The OSO bond angle in the SO2 molecule is:


a)  90o


b)  109o

c) 120o

d)  190o




10.  In which of the following processes are covalent bonds broken?


a)  melting lauric acid
  
d)  evaporating water


b)  melting quartz

e) dissolving bromine in water

c) boiling ethanol  

f) dissolving NaCl in water
11.  Which of the following would have the lowest melting point?


a)  iron


b)  BaCl2

c) Cl2

d)  water

e) I2

12.  Which of the following would have the largest lattice energy?


a)  NaCl

b)  KCl

c) RbCl

d)  KBr
e) CaO
13.  Draw the Lewis electron-dot structures for: CO32- , CO2 , and CO.  Include all resonance structures where 

appropriate.  Which of these three has the shortest C-O bond length?  Explain.
14.  Draw the Lewis electron-dot structures for: BCl3 , NO2-1, and the radical NO.

15.  Determine the shape and hybridization of the central atom for each of the following:


a)  SO3



b)  XeF2



c)  IF5



d)  SeF6
e)  ICl4-
f)  I3-
16.  Determine the Lewis electron-dot structure for each of the following and identify the shape and 

hybridization on each central atom:


a)  CF4



a)  XeF4


a)  ClF3




17.  The bond angle for H-N-H in ammonia is 107 o, whereas the bond angle for H-P-H is 93 o .  Explain.

18.  For each of the following, indicate the strongest attractive forces that must be overcome:


a)  Vaporize Hg


b)  Melt NaNO3

c)  Boil ethanol


d)  Dissolve (CH3)2CO in water


e)  Sublime iodine
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