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Chapter 1

I. The Study of Chemistry

· Chemistry is the study of properties of materials and changes they undergo.

· Chemistry involves the study of the properties and behavior of matter
· Matter is the physical material of the universe.  It has mass and occupies space.  The elements make up all matter.

· Elements are made up of atoms.

· Molecules are combinations of atoms held together in a specific arrangement.  The properties of a molecule are related to the composition (types of atoms present) and the structure (arrangement of atoms) present.

II. Classification of Matter

A. States of Matter

· Three states of matter: solid, liquid and gas

· Review macroscopic as well as microscopic properties

B. Pure Substances:  Elements and Compounds

· Elements are organized on the periodic table

· Compounds are combinations of elements that are held together by chemical bonds.  Their properties are different than the component elements.  

· Law of Constant (definite) Proportions:  A specific compound always contains the same relative amounts of the elements.

C. Mixtures:  Heterogeneous mixture and homogeneous mixture

· The substances are simply mixed together so that each component retains its own identity.  They are not bonded together.

· Solutions are homogeneous mixture.

· Heterogeneous mixtures are not uniform throughout.

· Homogeneous mixtures are uniform throughout.

III. Properties of Matter

· Physical Properties are measured without changing the substance

· Chemical Properties describe how the substance changes or reacts to form a new substance.

· Intensive Properties do not depend on the amount present.

· Extensive Properties do depend on the amount present.

A. Physical and Chemical Change

· A physical change is a change in appearance that does not alter it’s chemical composition.

· A chemical change results in the formation of a new substance.

B. Separation of Mixtures

· Filtration:  Separation of solids from liquids

· Distillation:  Separation of liquids based on boiling point

· Chromotography:  Separation due to solubility and adhesion to different solids

C. The Scientific Method

IV. Units of Measurement

· A measured quantity must contain both a number and units.

· The units used for scientific measurements are most often those of the metric system.

A. SI Units (Systeme International d’Unites)

· 7 SI units , see page 74 in text (length in meters, mass in kilograms)

B. Temperature is measured in either Kelvin or Celsius for scientific studies

C. Derived SI Units are formed from the 7 base units

Ex:  Velocity (m/s)  and volume (m3)

D. Volume is length cubed

· cm3 = ml

· dm3 = L

E. Density is used to characterize substances

· Defined as mass divided by volume

· Units of g/ml (solids and liquids) or g/L (gases)

V. Uncertainty in Measurement:  There are 2 types of numbers, exact and inexact.

· Exact numbers are counts and they are defined.

· Inexact numbers are derived from measurements and contain some degree of uncertainty or error.

A. Precision and Accuracy

· Precision is how well measured quantities agree with each other.  How repeatable was the data.

· Accuracy is how well a measured quantity agrees with the “true value”.

B. Significant Figures

· The number of significant figures in a measurement reflects the exactness of the measurement, which is directly related to the tools used to make the measurement.

· The number of significant figures is the number of digits known with certainty plus on uncertain digit.

· Rules:

1. Nonzero numbers and zeros between nonzero numbers are always significant.

2. Zeros before the first nonzero digit are not significant.

3. Zeros at the end of a number after a decimal point are significant.

4. Zeros at the end of the number with no decimal point are not significant.

C. Significant Figures in Calculations

· Multiplication and Division:  Report the least number of significant figures

· Addition and Subtraction:  Report the least number of decimal places

· In multiple step calculations, always retain an extra digit until the end to prevent rounding errors.

VI. Dimensional Analysis: 

· Ask 3 questions

1. What data are we given?

2. What quantity (units) do we need?

3. What conversion factors are available to take us from what we are given to what we are trying to find?

· Allow the units to guide your mathematical set up.
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Chapter 2

I. Atom Theory of Matter

· Democritus

· Dalton:  Proposed an atomic theory with the following points

i. Elements are composed of atoms

ii. All atom of an element are identical

iii. In chemical reactions atom are not changed into different types of atoms.  Atoms are not created or destroyed

iv. Compounds form when atoms of elements combine

· Law of Constant Composition:  The relative kinds and numbers of atoms are constant for a given compound.

· Law of Conservation of Mass (matter):  During a chemical reaction, the total mass before reaction is the same as the total mass after reaction.

· Law of Multiple Proportions:  When elements combine to form a compound, they always combine in whole number ratios

· Dalton’s theory predates the Law of multiple proportions.

II. Discovery of Atomic Structure

A. Cathode Rays and Electrons

· Cathode rays discovered in mid-1800s using when studying electrical discharge through a partially evacuated tube.  (cathode ray tube or CRT)

· The voltage causes negative particles to move from the negative electrode(cathode) to the positive electrode (anode)

· The path of the electrons can be altered by a magnet because like charges repel and opposite charges attract.

· Thomson determined the charge to mass ratio of an electron in 1897 to be 1.76 x 108 C/g.  C is a symbol for coulomb, the SI unit for electrical charge.

· Millikan Oil-Drop Experiment determined the charge of the electron to 1.60 x 10-19 C.

Millikan recorded how rapidly charged drops of oil fell between to electrically charged plates as the voltage on the plates varied.  

· Knowing the charge to mass ratio and the charge of the electron allows us to calculate the mass of an electron to be 9.10 x 10-28 g.

B. Radioactivity:  The spontaneous emission of radiation.

· Radiation is emitted through a small whole and then passes between charged plates onto a detector.  Three spots are observed on the detector.  

1. A spot deflected toward the positive plate.  Beta radiation, β, which is negatively charged and consists of electrons

2. A spot that is not affected by the electric field.  Gamma radiation, γ, which is not charged.

3. A spot that shows a small deflected toward the negative plate.  Alpha radiation, α, which is the positively charged helium nucleus.

· X-rays and γ radiation are true γ electromagnetic radiation, while α and β radiation are streams of particles.

C. The Nuclear Atom

· The early picture of the atom was referred to as the “plum pudding model”

· Thomson’s model picture the atom as a sphere with small electrons embedded in a positively charged mass.

· Rutherford modifies Thomson’s model
Spherical with the positive charge located at the center surrounded by the negative charges.

The center or nucleus of the atom must consist of a dense positive charge

The area outside the nucleus must have low mass (empty space) and contain the diffuse negative charges (electrons)

· Rutherford’s “gold foil” experiment led to this latest view of the atom.

Alpha particles were shot through a thin piece of gold foil.

Most of the particle went straight through the foil without deflection suggesting there was plenty of space free of + charges.

Some were deflected at a sharp angle suggesting a large + charged obstruction.

III. The Modern View of Atomic Structure

· The atom consists of protons (+) and neutrons (neutral) in the small nucleus.  Most of the mass is due to the nucleus

· The electrons (-) are located outside the nucleus and occupy most of the volume of the atom.

· The electronic charge is 1.602 x 10-19  C.  Electrons have a charge of -1.602 x 10-19 C, the charge of a proton is 1.602 x 10-19 C while neutrons are uncharged.  An atom have no net charge because it contains equal numbers of protons and neutrons.

· The angstrom (Å) is a non-SI unit used to measure atomic length.  

1Å = 1 x10-10 m

· Masses are measured in atomic mass units (amu).  

· 1 amu = 1.66054 x 10-24 g

· the mass of a proton is 1.0073 amu, a neutron is 1.0087 amu and an electron is 5.486 x 10-4 amu.

A. Isotopes, Atomic Numbers and Mass Numbers

· All atoms of a specific element always have the same number of protons.

· Isotopes of a specific element have different numbers of neutrons

· Atomic number (Z) = number of protons

· Mass Number (A) = number of protons plus neutrons

· Isotopic Notation for element X

AZX

· An atom of a specific isotope is called a nuclide.  Nuclides of hydrogen are 1H (protium), 2H (deuterium), 3H (tritium)

IV. Atomic Weights

A. The Atomic Mass Scale

· Assume 100 g of water.  

When it decomposes, 11.1 g of hydrogen and 88.9 g of oxygen are produced.

The mass ratio of O to H is 88.9 / 11.1 = 8

Therefore, the mass of O is 2 x 8 = 16 times the mass of H.

If H has a mass of 1 then O has a relative mass of 16.

We can measure atomic masses using a mass spectrometer

The mass of 12C is exactly 12 amu.

B. Average Atomic Masses

· We average the masses of isotopes to determine average atomic masses.

· Atomic weight is also called average atomic mass

· Atomic weights are listed on the periodic table.

C. The Mass Spectrometer:  Equipment used to measure atomic and molecular masses.

· A gaseous sample is bombarded with electrons to create positively charged ions.

· These ions are accelerated and pass into an evacuated tube and through a magnetic field.

· The magnetic field causes the ions to deflect based on the mass of the ion.

· A graph of signal intensity vs. mass of the ion shows the relative amounts of each ion.

V. Periodic Table

A. The Periodic Table

· The periodic table organizes all the known elements so there is a regular pattern of behaviors and properties (periodic properties)

· The groups are the columns which are numbered 1 to 18,  or 1A to 8A and 1B to 8B.  Some of these groups have their own unique names, like the alkali metals (group1).

· The rows are called periods.

B. Metallic Elements

· Most of the elements are metals.  They are located on the left and below the stair-steps.

· Metals tend to be malleable, ductile, lustrous and good thermal and electrical conductors.

C. Nonmetallic Elements:  These elements are located on the top right hand corner of the table.

· Nonmetals tend to be brittle as solids, dull in appearance and are poor conductors of heat or electricity.

· Metalloids (B, Si, Ge, As, Sb, Te) exhibit properties of both metals and nonmetal and are located directly above or below the stair-steps.

VI. Molecular Compounds:  2 or more atoms bonded together

A. Molecules and Chemical Formulas

· A molecules chemical formula indicates which atoms are found in the molecule as well as the relative amounts of each atom.

· There are 7 diatomic molecules (H2, I2, N2, Cl2, Br2, O2, F2)

· Allotropes are different forms of the same element in the same state.  Ex:  O2 and O3 are allotropes of oxygen.

· Compounds composed of molecules are molecular compounds and usually contain only nonmetals.

B. Molecular and Empirical Formulas

· Molecular formulas give the actual number and types of atoms in the molecule.

· Empirical formulas give the relative numbers and types of atoms in the molecule.  They give the lowest whole number ratio of atoms in the molecule.

C. Picturing Molecules

· Molecules occupy 3-dimensional space, but we often represent them on paper in 2 dimensions using a structural formula which shows the connectivity between atoms in the molecule.

· The structural formula can show the shape if a perspective drawing, ball-and-stick model or a space-filling model is used.

Perspective drawings use dashed lines and wedges to represent bonds receding (dashed line) and emerging (wedges) from the plane of the paper.

Ball-and-stick models shoe atoms as spheres and bonds as sticks.  This model shows accurate angles.

Space-filling models give an accurate representation of the relative sizes of the atoms and the 3D shape of the molecule.

VII. Ionic Compounds

· Ions form when electrons are added or removed from a neutral atom.

· Positively charged ions formed when electrons are lost are called cations
· Negatively charged ions formed when electrons are gained are called anions.

· Metals tend to form cations and nonmetals tend to form anions.
· When molecules lose electrons, polyatomic ions are formed.

A. Predicting Ionic Charge

· Atoms tend to lose or gain enough electrons to have the same number as the nearest noble gas (group 8A).  

B. Ionic Compounds

· Generally form between metals and nonmetals due to the transfer of electrons.  

· They form hard crystalline solids held together in a crystal lattice so there are no easily identified molecules.  Therefore, we cannot use a molecular formula to represent an ionic substance.

· Ionic formulas are always represented as an empirical formula, which shows the lowest whole number ration between the atoms.  Keep in mind that the ratio must result in a neutral compound.

VIII. Naming Inorganic Compounds

A. Terms

· Chemical Nomenclature refers to the naming of substances.

· Common names are traditional names for substances

· Systemic names are names based on a set of rules.  Organic compounds (contain C and usually H, O, N, or S) follow one set rules while all other compounds follow a different set of rules.

B. Names and Formulas of Ionic Compounds

· Cation name is followed by anion name

· Cations retain the name of the metal, while monoatomic anions use the ending –ide.
NaCl
sodium chloride
· If the metals exhibit variable charges, then follow the cation name with the charge in parentheses.

CuCl
copper (I) chloride

· Alternately, the endings –ous and –ic can be used to represent the lower and higher charged ions respectively.

CuCl
cuprous chloride
CuCl2

cupric chloride

· Cations formed from nonmetals end in –ium
NH4+
ammonium
· Polyatomic anions containing oxygen are called oxyanions.  Their names end in –ate or –ite.  The one with more oxygens is the –ate

NO3-
nitrate


NO2-

nitrite

· Polyatomic ions containing oxygen with more than 2 members in the series are named in order of decreasing oxygen as per-…-ate, -ate, -ite, hypo-….-ite.

ClO4-
perchlorate

ClO3-

chlorate

· Polyatomic ions containing oxygen with additional hydrogens are named by adding hydrogen or bi- to the name.

HCO3-

bicarbonate or hydrogen carbonate

C. Names and Formulas of Acids:  Acids yield H+ when dissolved in water (Arrhenius definition)

· Names of acids are related to the names of the anions.

· -ide becomes hydro-…-ic

HCl 

hydrochloric acid

· -ate becomes –ic acid

HClO4

perchloric acid

· -ite becomes –ous acid

HClO

hypochlorous acid

D. Names and Formulas for Binary Molecular Compounds

· The most metallic element (furthest to the left on the periodic table) is usually written first.  NH3 is an exception.

· If both elements are in the same group, the lower one is written first.

· The second element always ends in –ide.

· Prefixes are used to indicate the number of atoms, but mono is never used for the first element.

Cl2O
dichlorooxide

NF3
nitrogen trifloride

IX. Simple Organic Compounds

A. Terms

· Organic chemistry is the study of carbon-containing compounds.

· Organic compounds contain carbon and hydrogen usually in combination with other elements.

· Functional groups contain specific groups of atoms

B. Alkanes

· Compounds containing only hydrogen and carbon are called hydrocarbons.

· In alkanes, each carbon is bonded to 4 other atoms by 4 single bonds.

· The names of alkanes end in –ane.

Methane (CH4), ethane (C2H6), propane (C3H8)

C. Some Derivatives of Alkanes:  When functional groups are used to replace hydrogen atoms on alkanes, new classes of organic compounds are obtained.

· Alcohols are obtained by replacing a hydrogen atom with an –OH group.  Alcohol names have an –ol ending
Methane becomes methanol

· -ane ending changes to –ene if the carbons are double bonded together

· -ane ending changes to –yne if the carbons are triple bonded together.

· Carboxylic acids have a –OOH replacing a hydrogen

· Ketones have a =O replacing 2 hydrogens.

Chapter 3

I. Chemical Equations

A. Terms

· The quantitative nature of chemical reactions is called stoichiometry
· The law of conservation of mass states that mass is conserved in a chemical reaction.  This was observed by Lavoisier.

· Chemical equations give a description of a chemical reaction.

Reactants are written on the left of the arrow

Products are written on the right of the arrow

The numbers in front of the chemical formulas are called stoichiometric coefficients.  They are needed in order to balance the equation because of the law of conservation of mass and they give the ratio in which the reactants and products exist.

II. Some Simple Patterns of Chemical Reactivity

A. Combination and Decomposition Reactions

· In combination reactions two or more substances react to form one product.  Therefore, combination reactions have more reactant than products.

2Mg(s) + O2(g) ( 2MgO(s)

· In decomposition reactions one substance undergoes a reaction to produce two or more products.  Therefore, there are more products than reactants.

2NaN3(s) ( 2Na(s) + 3N2(g)

B. Combustion in Air

· Combustion reactions are rapid reactions that produce a flame.  

· Most combustion reactions involve a reaction with O2 from the air.

C3H8(g) + 5 O2(g) ( 3 CO2(g) + 4 H2O(g)

III. Formula Weights

A. Formula and Molecular Weights

· Formula Weight  (FW):  The sum of atomic weights of the atoms shown in the chemical formula.  The formula unit is used for ionic substances.

· Molecular Weight (MW):  The sum of the atomic weights of the atoms in a molecule as shown in the molecular formula.

B. Percent Composition from Formulas

· Percent composition is obtained by dividing the mass contributed by each element by the formula weight of the compound and multiplying by 100.

IV. The Mole (mol)

· 1 mole = 6.0221421 x 1023 of that thing

· This number is Avogadro’s number

A. Molar Mass

· The mass of one gram of a substance is said to be the molar mass of the  substance.

· The units of molar mass are g/mol.

· The molar mass of a molecule is the sum of the molar masses of the atoms.

· Molar masses for elements are found on the periodic table.

· The formula weight is numerically equal to the molar mass.

B. Interconverting Masses, Moles and Number of Particles

· To convert between grams and moles, we use molar mass.

· To convert between mole and molecules, we use Avogadro’s number

V. Empirical Formulas from Analyses

A. Finding Empirical Formulas from Mass Percent Data

· Assume a 100 g sample.

· Use the mass percent to calculate the percent of each element in your 100 g sample.

· Use molar mass to convert the mass of each element to moles of each element

· Determine the lowest whole number mole ratio of the elements.  This is the empirical formula.

B. Finding the empirical mass % of elements from the empirical formula

· From the empirical formula, we know the number of moles of each element.

· Convert the moles of each element to grams of each element using molar mass.

· Divide the number of grams of each element by the molar mass of the  substance and multiply by 100 to get a %.

C. Molecular Formula from Empirical Formula

· Empirical formulas (relative ratio of elements in the molecule) may not be the same as the molecular formulas(actual ratio of elements in the molecule).

· To determine molecular formula from empirical formula, you need to know the molecular weight.

· Divide the molecular weight by the empirical formula weight.  This must be a whole number.

· Multiply the subscripts in the empirical formula by this whole number to obtain the molecular formula.

D. Combustion Analysis

· Empirical formulas are routinely determined by combustion analysis.

· A hydrocarbon is combusted in excess oxygen to produce CO2 and H2O.

· The amount of CO2  gives the amount of C in the original sample.

· The amount of H2O gives the amount of H in the original sample.

· The amount of O originally present in the sample is given by the difference between the amount of C and H ac counted for.

VI. Quantitative Information from Balanced Equations

· The coefficients in a balanced equation may be interpreted as:

The relative number of molecules or formula units in the reaction or

The relative number of moles involved in the reaction

· The molar quantities indicated by the coefficients in a balanced equation are called stoichiometrically equivalent quantities.

· Stoichiometric relationships may be used to convert between mole (not gram) quantities of reactant and products in a reaction.
VII. Limiting Reactants (limiting reagents)

· It is not necessary to have all reactants present in stoichiometric amounts.  Often, one or more reactants is present in excess.

· Therefore, at the end of the reaction, there will still be some of the excess reactant present in the reaction mixture.

· The one or more reactants that are completely consumed are called the limiting reactants or limiting reagents.

· Reactants present in excess are called excess reactants or excess reagents.

A. Theoretical Yield

· The amount of product predicted from the stoichiometry taking into account the limiting reagents is called the theoretical yield.

· The actual yield is the amount of product obtained experimentally.

· The percent yield relates the actual yield to the theoretical yield using the following formula.

Percent Yield = (actual yield / theoretical yield ) 100
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I. Properties of Aqueous Solutions

A. Terms

· A solution is a homogeneous mixture of two or more substances.

· A solution is made when one substance (the solute) dissolves in another substance (the solvent).

· The solute is the substance present in the smallest amount.

· Solutions in which water is the solvent are called aqueous solutions.

B. Electrolytic Properties

· If a substance forms ions in solution, then the substance is and electrolyte and the solution will conduct electricity.

· If a substance does not form ions in solution, then the substance is a nonelectrolyte and the solution does not conduct electricity.

C. Ionic Compounds in Water

· When an ionic compound dissolves in water, the ions break apart from the crystal structure.  The ions are said to dissociate.

· After dissociation, the solid no longer exists as a well-ordered arrangement of ions in contact with each other.

· Instead, each ion is surrounded by a shell of water molecules that tend to stabilize the ion and prevent cations and anions from recombining.

· The transport of ions through the solution causes electric current to flow through the solution.

D. Molecular Compounds in Water

· When a molecular compound dissolves in water, no ions are formed so the solution does not conduct electricity

· There are a few important exceptions:

NH3 reacts with water to produce NH4+ (aq) and OH- (aq).

HCl(g) in water ionizes to for H+ (aq) and Cl- (aq).

E. Strong and Weak Electrolytes

· Strong electrolytes conduct electricity well as aqueous solutions because they ionize completely  in water.  They are written with a single arrow, which shows that the ions have no tendency to recombine.

NaCl (aq) ( Na+ (aq) + Cl- (aq)

· In general, soluble ionic compounds are strong electrolytes.

· Weak electrolytes are poor conductors of electricity as aqueous solutions.  These substances do not completely ionize in water and the dissociation is written with a double arrow to indicate the reversibility of the reaction.  These reactions will come to a state of chemical equilibrium.

HC2H3O2 (aq) ( H+ (aq) + C2H3O2- (aq)

II. Precipitation Reactions:  Reactions that result in the formation of an insoluble product are known as precipitation reactions.  A precipitate is the insoluble product formed by a reaction in solution.  

A. Solubility Guidelines for Ionic Compounds

· The solubility of a substance is the amount that can be dissolved in a given quantity of solvent.

· A substance with a solubility of less than 0.01 mol/L is regarded to be insoluble.

· Solubility guidelines for common ionic compounds in water.

Compounds containing alkali metal ions or ammonium ions are soluble.

Compounds containing nitrate or acetate ions are soluble.

Compounds containing Cl- , Br-, I- are soluble, except for compounds of Ag+, Hg2+, Pb2+.

Compounds containing sulfate are soluble except for compounds of Sr2+, Ba2+, Hg2+, Pb2+
Compounds containing S2- are insoluble except for compounds of NH4+, the alkali metal cations, Ca2+, Sr2+, Ba2+.

Compounds containing carbonate or phosphate are insoluble except for compounds of ammonium and the alkali metal cations.

Compounds of OH- are insoluble except for compounds of the alkali metal cations, Ca2+, Sr2+, Ba2+.

B. Exchange (Metathesis) Reactions:  Exchange reactions or metathesis reactions involve swapping ions in solution.  Many precipitation and acid-base reactions exhibit this pattern.

C. Ionic Equations

· The molecular equation lists all species in their molecular forms.

Pb(NO3)2 (aq) + 2 KI (aq) ( PbI2 (s) + 2 KNO3 (aq)

· The complete ionic equation lists all strong soluble electrolytes in the reation as ions.  Only strong electrolytes dissolved in aqueous solution are written in ionic form.  Weak electrolytes and non electrolytes are written in their molecular form.

Pb2+(aq) + 2NO3-(aq) + 2K+(aq) + 2I-(aq) ( PbI2(s) + 2K+(aq) + 2NO3-(aq)

· The net ionic equation lists only those ions which are not present on both sides of the reaction.  Note that spectator ions, ions that are present in the solution but play no direct role in the reaction, are omitted in the net ionic reaction.

Pb2+(aq) +2I-(aq) ( PbI2(s)

III. Acid – Base Reactions

A. Acids:  Acids are substances that are able to ionize in aqueous solution to form H+ .

· Since H+ is a naked proton, we refer to acids as proton donors and bases as proton acceptors.

· Monoprotic acids ionize to produce 1 H+.

· Diprotic and triprotic acids ionize to produce 2 and 3 H+, respectively.

B. Bases:  Bases are substances that accept or react with H+ ions formed by acids in solution.

· Hydroxide ions, OH-, react with the H+ ions to form water.

· Compounds that do not contain OH- ions can also be bases.  Proton transfer between NH3 (a weak base) and water (a weak acid) to produce NH4+ and OH- is an example.

NH3 (aq) + H2O(l) ( NH4+ (aq) + OH-(aq)

C. Strong and Weak Acids and Bases

Strong acids and strong bases are strong electrolytes.

· They completely ionize in solution.

HCl ( H+ + Cl-
· Strong bases include:  Group 1A metal hydroxides, Ca(OH)2, Ba(OH)2 and Sr(OH)2.

· Strong acids include:  HCl, HBr, HI, HClO3, HClO4, H2SO4, HNO3
Weak acids and weak bases are weak electrolytes.

· They partially ionize in solution.

HF(aq) ( H+ (aq) + F-(aq)

· Most acids are weak acids.

D. Identifying Strong and Weak Electrolytes

· Compounds can be classified as strong electrolytes, weak electrolytes or non electrolytes by looking at their solubility.

· Strong electrolytes:

If a compound is water soluble and ionic, then it is probably a strong electrolyte.

If a compound is water soluble and not ionic, but is a strong acid or strong base, then it is a strong electrolyte.

· Weak Electrolytes:

If a compound is water soluble and not ionic and is a weak acid or a weak base, then it is a weak electrolyte.

· Nonelectrolytes

Anything that is not identified above is probably a nonelectrolyte.

E. Neutralization Reactions and Salt

· A neutralization reaction occurs when an acid and a base react.

· In general, an acid and a base react to form a salt, which is any ionic compound whose cation comes from a base and anion from an acid.

· Water, a common weak electrolyte, is the other product.

· A typical example of neutralization:

Mg(OH)2(s) + 2 HCl(aq) ( MgCl2(aq) + 2H2O
molecular equation









Net ionic equation

F. Acid-Base Reactions with Gas Formation

There are many bases besides OH- that react with H+ to form molecular compounds.

· Reaction of sulfides with acid produces H2S (g)

Molecular equation:

Na2S(aq) + 2HCl(aq) ( H2S(g) + 2NaCl(aq)

Net Ionic Equation:

· Carbonates and Hydrogen carbonates react with acid to produce CO2(g).

Molecular equation:

NaHCO3(s) + HCl(aq) ( NaCl(aq) + H2CO3(aq)





NaHCO3(s) + HCl(aq) ( NaCl(aq) + H2O(l) + CO2(g)

Net Ionic Equation:

IV. Oxidation – Reduction Reactions (Redox)

A. Oxidation and Reduction

· Oxidation – reduction or redox reactions involve the transfer of electrons between reactants.

· When a substance loses electrons it is oxidized.
· Oxidation is evidenced by an increase in oxidation number.

· When a substance gains electrons it is reduced.

· Reduction is evidenced by a decrease in oxidation number.

· In all redox reactions, one species is oxidized at the same time as another is reduced.

B. Oxidation Numbers

· Oxidation numbers (or oxidation state) help us keep track of electrons during a chemical reaction.

· Rules for assigning oxidation numbers
For an atom in its elemental form the oxidation number is always zero.

For any monoatomic ion, the oxidation number equals the charge of the ion.

The oxidation number of oxygen is –2 except in peroxides where it is –1.

The oxidation number of hydrogen is +1 when bonded to nonmetals and –1 when bonded to metals.

The oxidation number of fluorine is –1 in all compounds.  The other halogens have an oxidation number of –1 in most binary compounds.

The sum of the oxidation numbers of all atoms in a neutral compound is zero.

The sum of the oxidation numbers in a polyatomic ion equals the charge of the ion.

C. Oxidation of Metals by Acids and Salts

· The reaction of a metal with either an acid or a metal salt is called a displacement reaction.

· General Pattern:

A + BX ( AX + B

· It is common for metals to produce hydrogen gas when they react with acids.

Mg(s) + 2HCl(aq) ( MgCl2(aq) + H2(g)

Mg oxidized and H+ reduced

· It is possible for metals to be oxidized in the presence of a salt.

Fe(s) + Ni(NO3)2(aq) ( Fe(NO3)2(aq) + Ni(s)

Net ionic:  Fe(s) + Ni2+ (aq) ( Fe2+(aq) + Ni(s)

Fe is oxidized and Ni2+ is reduced

D. The Activity Series

· We can list metals in order of decreasing ease of oxidation.  This list is an activity series.

· The metals at the top of the series oxidize easily and are said to be active metals.

· The metals at the bottom of the series do not oxidize easily and are called noble metals.

· A metal in the activity series can only be oxidized by a metal ion below it.
V. Concentrations of Solutions:  The term concentration is used to indicate the amount of solute dissolved in a given quantity of solvent or solution.

A. Molarity

· Molarity (M) is the number of moles of solute per liter of solution.

· Molarity = moles solute / liter of solution

B. Expressing the Concentration of an Electrolyte

· When an ionic compound dissolves, the relative cocncentrations of the ions in the solution depend on the chemical formula of the compound.

· Examples:

1.0 M solution of NaCl contains 1.0 M Na+ and 1.0 M Cl- ions.




1.0 M solution of Na2SO4 contains 2.0 M Na+ and 1.0 M SO42- ions. 

C. Interconverting Molarity, Moles and Volume

· Use dimensional analysis and the molarity formula to convert between molarity, moles and volume.

D. Dilution

· A solution in concentrated form (stock solution) is mixed with solvent to obtain a solution of lower solute concentration.  This process is called dilution.

· Since the moles of solute remains the same in the concentrated and dilute forms of the solution, we can show:

MinitialVinitial = Mfinal Vfinal

VI. Solution Stoichiometry

A. Problem Solving
· Recognize that there are two different types of units.  Laboratory units (macroscopic units that we measure in lab) and chemical units (microscopic units that relate to moles).

· Always convert laboratory units into chemical units first.  Convert grams to moles using molar mass and volume or molarity into moles using M = Mol/ L.

· Use stoichiometric coefficients to move between reactants and products.  This requires a balanced equation.

· Convert laboratory units back into required units.  Convert grams to moles using molar mass and volume or molarity into moles using M = Mol/ L.

B. Titrations

· A common way to determine the concentration of a solution is via titration.

· We determine the concentration of one substance by allowing it to undergo a specific chemical reaction with another substance whose concentration is known (standard solution).

· If we know have a standard solution of NaOH and we want to determine the molarity of an HCl solution, we take a know volume of the HCl solution and measure the volume of the standard NaOH solution required to completely react with the HCl solution..

· The point at which the stoichiometrically equivalent quantities of NaOH and HCl are brought together is known as the equivalence point of the titration.

· In a titration, we often use an acid – base indicator to allow us to determine when the equivalence point has been reached.  The indicator will change color at the end point of the titration.

