Chemistry 111 Chapter 8: Study Notes


8.1 Development of the Periodic Table 


In 1864 the English chemist John Newlands noticed that when the known elements were arranged in order of atomic mass, every eighth element had similar properties.  Newlands referred to this peculiar relationship as the law of octaves.  This turned out to be inadequate for elements beyond calcium, and Newlands work was not accepted by the community.  Then in 1869 a Russian chemist named Dimitri Mendeleev tabulated the elements based on the regular, periodic recurrence of properties.  First Mendeleev's classification grouped the elements together more accurately, according to their properties.  Mendeleev proposed the existence of an unknown element that he called eka-aluminum.


Using data from scattering experiments, Rutherford estimated the number of positive charges in the nucleus of a few  elements, there was no general procedure for determining the atomic  numbers.  When high -energy electrons were focused on a target made of the elements studied X-rays were formed.  The frequencies of the X-rays emitted from the elements could be correlated by the equation:

        


    v=a(Z-b)  

v  is the frequency of the emitted X-ray and a and b are constants that are the same for all the elements.

8.2 Periodic Classification of the Elements


Representative Elements ( also called main group elements) are the elements in Groups 1A through 7A which have incomplete;y filled s or p subshells of highest principal quantum number .  With the exception of helium, the noble gases ( the Group 8A elements) all have a completely filled p subshell. The transition metals are elements in Groups 1B and 3B through 8B, which have completely filled d  subshells.  The Group 2B elements are Zn, Cd, and Hg, which are neither representative elements nor transition metals.  The lanthanides and actinides are sometimes called f-block transition elements because they have incompletely filled f  subshells.


Group 1A alkali metals have similar outer electron configurations; each has a noble gas core and an  ns  configuration..  Group 2A alkaline earth metals have a noble gas core and an ns  configuration of the outer electrons.  The outer electrons of an atom , which are those involved in chemical bonding ,  are called valence electrons.  The halogens (the group 7A elements), all with outer electron configurations of ns np, have similar properties as a group.  The elements is Group 4A all have the same outer electron configuration ns np , but there is much chemical properties among these elements.  The noble gases behave similarly.  This is because all of the elements have completely filled outer ns  and np  subshells, a condition that represents great stability.


The empirical formula are of course, the same as the symbols that represent the elements.   Carbon , for example , exists as an extensive three-dimensional network of atoms, and so we use its empirical formula (C) to represent element carbon in chemical equations.   All the noble gases exist as monatomic species ; thus we use their symbols: He, Ne, Ar, Kr, Xe, and Rn. The metalloids, like the metals , all exist in complex three-dimensional networks, and represents them , too, with their  empirical formulas, that is, their symbols: B, Si, Ge, and so on.

Ions Derived from Representative Elements.

In the formation of a cation from the neutral atom of a representative element, one or more electrons are removed from the highest occupied n  shell. Ions , or atoms and ions, that have the same number of electrons, and hence the same ground-state electron configuration are said to be isoelectronic.

Cations Derived from Transition Metals
The 4s orbital is always filled before the 3d  orbitals.  For example Manganese, whose electron configuration is [Ar] 4s 3d.  When the Mn ion is formed, we might expect the two electrons to be removed from the 3d orbitals to yield [Ar]4s 3d.  Actually the electron configuration is [Ar] 3d.  The reason is that the electron-electron and electron-nucleus interactions in a neutral atom can be quite different from those in its ion.  In forming a cation from an atom of a transition metal, electrons are always removed first from the ns  orbital and then from the (n-1)d  orbitals.

8.3  Periodic Variation in Physical Properties

Effective Nuclear Charge


The presence of shielding electrons reduces the electrostatic attraction between the positively charged protons in the nucleus and the outer electrons.  The concept of effective  nuclear charge allows us to account for the effects of shielding on periodic properties.  The effective nuclear charge, 






Zeff =Z-_

where Z is the actual nuclear charge and  (sigma ) is called the shielding constant ( also called the screening constant) 

Atomic Radius

The electron density in  an atom extends far beyond the nucleus.  Several techniques allow us to estimate the size of an atom.  First consider the metallic elements.  Their atoms are linked to one another in an extensive three-dimensional network.  The  atomic radius is one- half the distance  between the two nuclei in two adjacent metal atoms.  For elements tat exist as simple diatomic molecules , the atomic radius is one-half the distance between the nuclei  of the two atoms in a particular molecule.
Ionic Radius
Ionic radius is the radius of a cation or an anion.  Ionic radius affects the physical and chemical properties of an ionic compound.  When a neutral atom is converted to an ion, we expect a change in size.  If the atom forms an anion, its size (or radius increases, since the nuclear charge remains the same but the repulsion resulting from the additional electron(s) enlarges the domain of the electron cloud.

With isoelectronic cations, we see that the radii of tripositive ions( that is ions which have three positive charges) are smaller than those of dipositive ions ( that is ions that have two positive charges, which in turn are smaller than   unipositive ions ( that is , ions that have one positive charge). 

Variation of Physical Properties across a Period

From left to right across a period, there  is a transition from metals to metalloids to nonmetals.  The molar heats of fusion  and vaporization  of a substance are the energies ( in kJ) needed to melt and vaporize on e mole of the substance at its melting point and boiling point, respectively.  The terms "electrical conductivity" and thermal conductivity" are used qualitatively to indicate an elements ability to conduct electricity and heat.  The electrical conductivity and thermal conductivity are high for the metals and then fall rapidly as one moves across the table


The density of a n element depends on three quantities:  the atomic mass, the size of the atoms, and the way in which the atoms are packed together in the condensed state. 

8.4 Ionization Energy


The chemical properties of any atom are determined by the configuration of the atom's valence electrons.  The stability of these outermost electrons is reflected directly in the tom's ionization energies.Ionization energy is the minimum energy required to remove an electron atom in its ground state.  The magnitude of ionization energy is a measure of the effort required to force an atom to give up an electron, or how "tightly" the electron is held in the atom.  The higher the ionization energy, the more difficult it is to remove the electron.  The amount of energy required to remove the first electron from the atom in its ground state.




energy +X(g) ----> X (g) + e

is called the first ionization energy.  X represents an atom of any element, e is an electron, and g show the gaseous state, an atom in the gaseous phase is virtually uninfluenced by its neighbors.  _The second ionization energy and the third ionization energy  are shown in the following equations:





energy + X----> X (g) + e   second ionization





energy + X ----> X (g) + e  third ionization 

The pattern continues fir the removal of subsequent electrons.  the ionization energies of elements in a period increase with increasing atomic number.  A larger effective nuclear charge means a more tightly held outer electron , and hence a higher first ionization energy..  The group 1A elements (the alkali metals) have the lowest ionization energies.Each of these metals has one valence electron that is effectively shielded by the completely filled inner shells.  Group 2A elements have higher first ionization energies than the alkali metals ..  The alkaline earth metals have two valence  electrons.The effective nuclear charge for an alkaline earth metal atom is larger than that for the preceding alkali metal atom. Metals have relatively low ionization energies, whereas nonmetals possess much higher ionization energies.  The ionization of metalloids usually fall between those of metals and nonmetals.  The difference suggests why metals always form cations and nonmetals form anions in ionic coompounds.The general trend in the periodic table is fir ionization energies to increase fro left to right.  The first occurs between 2A and 3A.  The group 3A have a single electron in the outermost p subshell, which is well shielded by the inner electrons and the ns electrons.Less energy is the needed remove  a single p electron than to remove a paired s electron from the same principal energy level. This explains the lower ionization energies in group 3 A elements compared with those of 2A in the same period.  In group 5A elements the p electrons are in separate orbitals  according to Hund's rule.  In group 6A the additional electron must be paired within one of the three p electrons. The proximity of  two electrons in the same orbital results in greater electrostatic repulsion. which makes it easier to ionize an atom.

8.5 Electron Affinity

Electron affinity is the energy change tat occurs when an electron is accepted by an atom in the gaseous state.  The equation is :





X(g) + e---->X (g)

where X is an atom of an element.  The more negative the electron affinity, the greater the tendency of the atom to accept  an electron.  An example is :  The electron affinity of oxygen has a negative value, which means that the process




O(g) + e----> O (g)

is favorable.  On the other hand, the electron affinity of the O ion




O (g) + e----> O (g)

ispositive even though the O ion is iso electronic with the noble gas. 

8.6 Variation in Chemical Properties


Ionizatioon energy and electron affinity are two characteristics that help chemists understand the types of reactions of reactions that elements undergo and the nature of the elements' compounds.

General Trends in Chemical Properties


The first member of each group differs from the rest of the members of the same group.  Another trend in chemical behavior of the representative elements is the diagonal relationship.  Diagonal relationships are similarities between pairs of elements in different groups and periods of the periodic table.
Chemical Properties within Individual Groups

Hydrogen (1s ). It resembles the alkali metals in having a single s valence electron and forming the H ion, which is hydrated in solution. Hydrogen is shown in group 1A in the periodic table.  The most important compound of Hydrogen is, water, which is formed when Hydrogen burns in air

              


2H2 (g) + O2(g) ----> 2H2O (l)

Group 1A Elements (ns, n>2) The alkali metals all have low ionization energies and therefore a great tendency to lose their single valence electron.  These metals are so reactive that they are never found in the free, uncombined state in nature. They react with water to produce hydrogen gas and the corresponding metal hydroxide:




2M(s) +2H2O(l) ----> 2MOH(aq) + H2(g)

Group 2A Elements (ns, n>2) Reactive metals , but less than alkali metals.  Both the first and the second ionization energies decrease from beryllium to barium.  The reactivities toward water differ a lot.  The reactivities of the alkaline earth metals toward oxygen also increase from Be to Ba.  Magnesium reacts with acids to liberate hydrogen gas:





Mg(s) +2H (aq) ----> Mg (aq) + H2(g)

Group 3A Elements (ns np, n>2) The first member of group 3A, boron, is a metalloid; the rest are metals   The next element, aluminum, readily firms aluminum oxide when exposed to  air:





4Al(s) +3O2 ----> 2Al2O3(s)

Other 3A metallic elements form unipositive and tripositive ions. The unipositive ion becomes more stable than the tripositive ion., which is sometimes called the inert-pair effect, which refers to the two relatively stable and unreactive outer s electrons.These elements also form molecular compounds.

Group 4A Elements (ns np, n>2)   The group 4A elements form compounds in both the +2 and +4 oxidation states, As one moves down the group, however, the trend in stability is reversed.

Group 5A Elements (ns np , n>2) In group 5A, nitrogen and phosphorus are nonmetals, arsenic and antimony are metalloids and bismuth is a has a tendency to accept three electrons to form the nitride ion N. Phosphorous  forms two solid oxides which are P4O6 and P4O10. Arsenic and antimony, and bismuth have extensive three dimensional structures.

Group 6A Elements (ns np, n>2) Oxygen, sulfur, and Selenium are nonmetals, and the last two (tellurium and polonium) are metalloids.

Group &A Elements (ns np, n>2) All halogens are nonmetals with the general formula X2, where X denotes a halogen element. Due to their great activity the halogens are never found in  the elemental form in nature. Fluorine is so reactive that it attacks water to generate oxygen:


2F2(g) + 2H2O(l) ----> 4HF(aq) + O2(g)

The halogens have high ionization energies and large negative electron affinities.

Group 8A Elements (ns np, n>2) All noble gases exist as monatomic species.  They are very unreactive and have little or no tendency to combine among themselves or with other elements.  The electron configurations of the noble gases show that their atoms have completely filled outer ns and np subshells, which indicates great stability.  Group 8A ionization energies are among the highest of all elements, and have no tendency to accept extra electrons.

Comparison of Group 1A and Group 1B Elements

The elements in these two groups have similar outer electron configurations, with one electron in the outermost s orbital, their chemical properties are quite different. Group 1B elements are much less reactive.  The higher ionization energies of the group 1B elements result from incomplete shielding of the nucleus by the inner d electrons.  The outer s electrons of these elements are more strongly attracted by the nucleus.

Properties of Oxides across a Period
One way to compare the properties of the representative elements across a period is to examine the properties of a series of similar compunds.Oxygen has a tendency to form the oxide ion.  This is greatly favored when oxygen combines with metals that have low ionization energies, mostly in groups 1A and 2A and aluminum. The oxides of phosphorus, sulfur, and chlorine are molecular compounds of small discrete units. Most oxides can be classified as acidic or basic depending on where they produce acids or bases when dissolved in water or react as acids or bases in certain reactions.Aluminum oxide is even less soluable than magnesium oxide; it also does not react with water, it shows basic properties with acids


Al2O3(s) +6HCl (aq) ----2AlCl3(aq) +3H2O(l)

It shows acidic properties by reacting with bases:

        Al2O3(s) + @NaOH(aq)+3H2O(l) ----> 2NaAl(OH)4(aq) 

Thus Al2O3 is classified as an amphoteric oxide because it exhibits both acidic and basic properties. The third period oxides are acidic. As the metallic character of the elements decreases from left to right across the period their oxides change from basic to amphoteric to acidic.  normal metallic oxides are usually basic, and most oxides of nonmetals are acidic. The metallic character of the elements increase as w move down a particular group of the representative elements, we would expect oxides of elements with larger atomic numbers to be more basic than the lighter elements.

